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The Reaction of Nitrogen with, and the Diffusion of Nitrogen 


in, Beta Zirconium 


M. W. Matuerr, JAck BELLE, ANp B. B. CLELAND 


Battelle Memorial Institute, Columbus. Ohio 


ABSTRACT 


The rate of reaction of nitrogen with high-purity zirconium was determined for the 


temperature range of 975° to 1640°C at 1 atm pressure. The reaction followed a para 
bolic law and the parabolic rate constant in (ml/em?)?/see was calculated to be 
k = 5.0 X 103 e~48.900/R7 
where 48,000 + 1500 cal/mole is the activation energy for the reaction. The rate of dif- 
fusion of nitrogen in beta zirconium was obtained for the temperature range of 920 
to 1640°C at 1 atm pressure. Diffusion-rate calculations based on a solution of the usual 
diffusion equation gave a diffusion coefficient, 
D = 1.5 X 107? €~3.700/RT em?/sec. 

The energy of activation of diffusion, 30,700 cal/mole, has a probable error of 1000 
cal/mole. The calculated entropy of activation for diffusion is 3.5 cal/mole degree. The 
limiting solubilities of nitrogen in beta zirconium were determined from the diffusion 














data. The heat of solution of nitrogen in beta zirconium is 12,900 + 500 cal/mole. 


INTRODUCTION 


Kinetic studies of gas-metal reactions have 
gained great impetus since Pilling and Bedworth 
(1) published their classic paper on the oxidation of 
metals at high temperatures. The various laws of 
film growth have been adequately treated in the 
literature (2-11) and will, therefore, not be dis- 
cussed here. The purpose of the present investiga- 
tion was twofold: (a) to study the over-all kinetics 
of the zirconium-nitrogen reaction, and (b) to study 
the interstitial diffusion of nitrogen in zirconium. 

The reaction of nitrogen with zirconium has been 
described by Gulbransen and Andrew (12) in the 
temperature range 400° to 825°C, and by Drav- 
nieks (13) at 860° to 1050°C. Both investigations 
showed that the zirconium-nitrogen reaction follows 
the parabolic law. Rates of diffusion of nitrogen in 
beta zirconium with a high hafnium content (1.8- 
2.2%) were reported in a paper from this laboratory 

14). When the purer zirconium (0.015% hafnium) 
became available, it was decided to repeat the dif- 
fusion studies in conjunction with kinetic studies of 
the zirconium-nitrogen reaction at high tempera- 
tures. 

EXPERIMENTAL 
Method 


To determine the rate of reaction between zir- 
conium and nitrogen, the rate of consumption of 


Manuscript received June 18, 1953. This paper was 
prepared for delivery before the Wrightsville Beach Meet 
ing, September 13 to 16, 1953. Work done under Contract 
No. W-7405-eng-92 for the United States Atomic Energy 


Commission. 





nitrogen by a specimen of metal at high tempera- 
ture was measured. The apparatus used was a 
modified Sieverts type, consisting of a Vycor reac- 
tion tube, sealed by means of a greased, ground- 
glass ball joint to a glass manometer system, which 
was connected through stopcocks to a vacuum SVS- 
tem and a gas buret. The system was evacuated by 
a 2-stage glass mercury-diffusion pump backed by a 
mechanical pump. A cold trap, cooled with a dry 
ice-acetone mixture, was placed between the diffu- 
sion pump and the reaction system. The sample was 
heated by high-frequency induction, using a 2-kw 
Lepel converter. The temperature was controlled to 
+ 5°C by adjustment of a V20 Variac in the con- 
verter input line and by use of an external variable 
resistance connected across the power leads in 
parallel with the work coil. 

The zirconium specimens were machined cylin- 
ders about 4 cm long by 0.7 em in diameter. A hole 
was drilled through the sample about !¢ in. from 
one end, using a No. 46 drill. A graphite tube, 
which extended about !;¢ in. on either side of the 
sample, was inserted in the drilled hole. The tube 
served to prevent interaction between the zir- 
conium sample and the thermocouple. A platinum- 
platinum + 10% rhodium thermocouple was 
threaded through the graphite tubing, and the butt- 
welded bead was located at the center of the sample 
diameter. The thermocouple ends were soft soldered 
to similar leads which were permanently sealed in 
the reaction-tube cap. The thermocouple was used 
both to measure the sample temperature and to 
suspend the sample in the reaction tube. 

It was found necessary to correct the thermo- 
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couple temperature readings because, in using in- 
duction heating with the specimen suspended by 
the thermocouple, the thermocouple wires con- 
ducted heat from the hot junction, causing the 
readings to be low. This correction was made for 
work in an atmosphere of nitrogen in the tempera- 
ture range 975° to 1640°C. The thermocouple was 
calibrated against a Pyro optical pyrometer’ sighted 
on a hohlraum in the sample through a Pyrex 
window. The differences in temperatures between 
the thermocouple and the calibrated pyrometer 
readings were considerable. At 975°C, the thermo- 
couple reading was 75 degrees low, and at 1650°C, 
the thermocouple reading was 140 degrees low. 

The specimens were abraded with kerosene- 
soaked 240-, 400-, and 600-grit silicon carbide papers 
and washed in successive baths of naphtha, ether, 
and acetone. Care was taken to keep the specimens 
under acetone until they were placed in the reac- 
tion tube. 

With the specimen at the desired temperature, 
purified nitrogen was admitted from a gas buret. 
Further nitrogen additions were made, as needed, 
to keep the pressure at 500 to 760 mm. Pressure 
measurements were made every 2 min at the start 
of each run and at longer time intervals as the reac- 
tion rate decreased. Nitrogen, present in the 
apparatus as a gas phase, was determined from pres- 
sure measurements on a full-length open-end mer- 
cury manometer and the calculated dead space of 
the system. The difference between the amount of 
nitrogen added and that remaining in the gas phase 
was the amount absorbed by the specimen. 

To convert total quantity reacted to quantity 
per unit area, the geometric dimensions of the speci- 
men were used. Upon completion of a run in which 
nitrogen was reacted with zirconium for a prede- 
termined time, the system was evacuated, and the 
specimen cooled rapidly. Rapid cooling was neces- 
sary because of the diffusion studies. This was 


easily accomplished since the heating was done by 


induction. When the high-frequency converter was 
shut off, the temperature fell from 1000° to about 
100°C in 2 min. 

After a reaction-rate run was completed, lengths 
equal to the radius of the cylindrical sample were 
cut from the ends of the specimen and discarded. 
The rest of the sample was machined radially into 
several layers of equal weight which were then 
analyzed for nitrogen content by a modified Kjel- 
dahl method. The concentration in the surface 
layer, including the alpha and gamma layers, was 

*The pyrometer was calibrated for reading through 
the Pyrex window over a range of temperature up to 1800°C 
against a ribbon-filament tungsten lamp standarized at 
100-degree intervals by the National Bureau of Standards. 
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not used in the calculations. The remaining layers 
contained only nitrogen which had diffused as solu‘e 
through the beta zirconium core. Diffusion coefli- 
cients were determined by the graphical method 
(14), using the average nitrogen concentrations of 
“ach layer, the average radius of the layers, and the 
time of diffusion. 


Materials 


The pure zirconium used in these experiments was 
iodide crystal bar produced by the de Boer process, 
double are melted, and cold rolled into a %¢-in. 
diameter rod. Test specimens were machined from 
this rod. Impurities in the zirconium were deter- 
mined by spectrographic, chemical, and vacuum- 
fusion analyses. The weight percentages of the prin- 
cipal impurities detected were: iron, 0.025; hafnium, 
0.015; silicon, 0.01; tin, 0.01; oxygen, 0.005; ni- 
trogen, 0.001; and hydrogen, 0.0005. 

The nitrogen used was prepared by passing pre- 
purified tank nitrogen (The Matheson Company) 
over zirconium turnings, heated at 850°C. The gas 
was then dried by passing through a dry ice-acetone 
cold trap. Mass spectrographic analysis showed 
that the only measurable impurity was 0.2% argon. 

SURFACE REACTION 

The rate of the surface reaction of zirconium 
with nitrogen was measured in the range 975° to 
1640°C at 1 atm pressure. Adherent golden-yellow 
films of ZrN were observed throughout the tem- 
perature range in agreement with the observation 
of Dravnieks (13). Results of the measurements 
for several runs are shown in Fig. 1 and 2. The 
square of the amounts (ml STP) of nitrogen con- 
sumed per unit surface area of the metal are plotted 
against time. It was found that, in all cases, the 
reaction conformed to the parabolic rate law, w = 
kt, with occasional deviations in the direction of a 
slower initial rate. This initial slower rate was at- 
tributed to a contaminating layer of oxide. This 
effect was less evident at higher temperatures be- 
cause of the solution of the oxide film in the metal. 
The induction period varied from 0 to 20 min at 
temperatures 975° to 1305°C and trom 0 to 5 min 
at temperatures 1305° to 1640°C. Also, the slight 
thermal fluctuations of the dead space, both in the 
reaction zone and the room-temperature parts ol 
the apparatus, may result in slight deviations in 
measurements of the amount of nitrogen absorbed 
Again, such deviations tend to have a more marked 
effect when the volumes of gas absorbed are rela 
tively small, as is the case in experiments carried 
out below 1100°C, 

A plot of the logarithm of the amount of nitroge! 
consumed per unit surface area vs. the logarithm ol 
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time should give a straight line with a slope equal 
to 0.5 if the parabolic law is obeyed. As can be seen 
from Table I, such behavior was observed. 
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Fic. 1. Reaction of zirconium with nitrogen (ml Ne con- 
sumed per cm? metal surface)? vs. time 
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Fig. 2. Reaction of zirconium with nitrogen (ml N» con- 
sumed per cm? metal surface)? vs. time 


The rate constants (k) calculated from the vari- 
ous plots and the slopes of the log-log plots are 
given in Table I, together with the temperature 
and the length of each run. The reproducibility of 
the measurements is evident. In most cases, there 
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was a variation of about 25% in the constants. The 
variation between runs at constant temperature 


TABLE I. Parabolic rate constanis for the reaction of 
zirconium with nitrogen 


Temp, Length of run, | Rate constant (k),| Slope of log-log 
C+5 min (ml/cm?)?/sec plot 
975 300 2.0 X 10-5 0.47 
1030 300 5.4 & 10-5 0.55 
1085 180) ae - 0.54 
1085 180 5.9 < 10-5 0.61 
1085 300 1.1 xX 10- 0.60 
1140 240 1.2 x 10-* 0.62 
1195 170 21x we 0.51 
1195 180 3.2 XK 10-4 0.56 
1195 180 1.0xX 16-* 0.55 
1305 180 1.3 X 10-3 0.52 
1305 120 7.5 X 10-4 0.57 
1420 180 1.8 xX De 0.53 
1420 180 8.2 X 10° 0.48 
1420 60 iix we 0.54 
1475 60 7.2 X 10-8 0.54 
1530 180 7.1 X 10° 0.48 
1530 60 L£ix 2 0.51 
1530 32 9.7 X 10-3 0.54 
1640 30 2.0 X 10°? 0.55 
Temperature ,C 
TOO 1G00 1500 1400 13 1200 1190 1Q00 950 _ 
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Fic. 3. The zirconium-nitrogen reaction—variation of 
reaction rate constant with temperature. 


may be due, in part, to differences in the surface 
roughness from one sample to another. 

Fig. 3 is a plot of log k vs. 1/T. The equation of 
the best straight line through the points from 975° 
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to 1640°C was determined by the method of least 
squares; and the experimental energy of activation 
and the frequency factor were calculated by the 


. . R 
Arrhenius-type equation, k = Ae“ 


". The energy 
of activation for the low-hafnium pure zirconium is 
18,000 + 1500 cal/mole, as compared with the 
value of 52,000 cal/mole obtained by Dravnieks 
(13) for the high-hafnium zirconium. The rate con- 
stant in (ml/cem?)*/sec isk = 5.0 & 10%e@ *"" *? 


DIFFUSION WITHIN THE MeTAL 


\s defined previously (14), ¢) is the constant con- 
centration maintained at the surface and a is the 
radius of the cylinder. The values Dt/a’ and cy, and 
the diffusion coefficients obtained from them graphi- 
cally (14), are listed in Table II. The temperature 
variation of the diffusion coefficient can be evaluated 


TABLE IIL. Diffusion coefficients of nitrogen in zirconium 


ew Dt 
920 3 0.013 
975 - 0.008 
1030 , 0.015 
1085 2: 0.01 
LOSS 2 0.015 
1140 y 0.017 
1195 - 0.024 
1195 0.02 
1105 3 0.042 
1305 0.042 
1305 0.09 
1305 0.028 
1420 0.035 
1420 56 0.15 
1475 0.055 
1530 0.10 
1530 0.055 
1540 ‘ 0.055 


by the equation, Dg Dy 
log Ds vs. 1/7 for the low-hafnium zirconium. The 


v*" Fig. 4 isa plot of 


equation of the best straight line through the points 
from 920° to 1640°C was determined by the method 
of least squares. The experimental energy of activa- 
tion is 30,700 + 1000 cal mole, and the diffusion 
coefficient in em’ /see is 1.5 K 10° « eect: 
is in fair agreement with the earlier value reported, 
EP ee hoe: 
high-hafnium zirconium. 


from this laboratory (14) on 


The entropy of activation for diffusion can be 
estimated from the experimental value of Dy and 
the approximation suggested by Wert and Zener 
(15). Nitrogen diffusion through beta zirconium is 
assumed to be interstitial. Furthermore, the as- 
sumption is made that as the solute atom moves 
from one interstitial position to an adjacent inter- 
stitial position its potential energy varies in a 
simple sinusoidal manner. Then, from Wert and 
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Zener (15), the vibration frequency y is given by th 
approximation 


E \' 
a (sa) 


where EF is assumed approximately equal to the 
energy of activation, m is the mass of the solute 
atom, and X is the distance between the interstitial! 
positions. From the expression for bee lattices, 
Dy = Y% aov exp (AS/R) (ao, the lattice constant = 
3.62 A for beta zirconium), AS can be evaluated. 
\ is assumed to be ap/2 (15) and AS was calculated 
to be 3.5 cal/mole deg in agreement with Zener’s 
prediction that a low positive value for the entropy 
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Fic. 4. Diffusion of nitrogen in zireonium—variation of 
diffusion coefficient with temperature 


of activation suggests that diffusion occurs through 
the lattice and not through grain boundaries or 
other short-circuiting paths. A similar calculation 
was made for the diffusion of nitrogen in beta tita 
nium. Using the results of Wasilewski (17), Dg 

ss es 
diffusion was calculated to be 5.3 cal/mole deg. 


, the entropy of activation for 


However, for the diffusion of nitrogen in thorium, 
data from this laboratory (18) indicate that a nega- 
tive entropy of activation for diffusion is also pos- 
sible. From D = 2.1 X 10° @ "°°" "", AS was cal- 


culated to be —4.4 cal/mole deg. 


SoLuBILITY OF NITROGEN IN BETA 
ZIRCONIUM 


As pointed out previously (14), the solubility 
limit of nitrogen in beta zirconium is the concentra- 
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mn just inside the interface between the beta and 
Jha phases. The calculated cy is, then, the approxi- 
nate limiting solubility of nitrogen in beta zirconium 
the given temperature. The calculated cy’s are 
ted in Table II and a plot of the co values is given 


Nitrogen, at. % 
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ia. 5. Solubility limits (e»9’s) of nitrogen in beta zirconium 


in Fig. 5. A smooth curve, which is considered the 


approximate boundary between the beta and alpha- 


plus-beta phases, was drawn through these points. 
The solubility limit previously (14) determined for 
high-hafnium zirconium is also shown. The dashed 
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Gr 


line is suggested to indicate the possible boundary 
between the alpha and alpha-plus-beta phases. 

The solubility in weight per cent nitrogen in 
zirconium over the temperature range 920° to 1640°C 
can be expressed as 


2810 
T 


log cy (in wt %) = 


+ 1.42. 


The heat of solution for nitrogen in zirconium ob- 
tained from this equation is AH = 12,900 + 500 
cal/mole. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1954 issue of the 
JOURNAL. 
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The Reaction of Silver Alloys with Sulfur in Mineral Oil 


Il. Examination of Reaction Films and Mechanism of Reaction! 


H. O. Spauscuus, R. W. Harpr, anno R. T. Foury 


Materials and Process Laboratory, General Electric Company, Pittsfield, Massachusetts 


ABSTRACT 


Reaction product films grown on silver alloys by reaction with sulfur in mineral oil 
were examined by spectroscopic, X-ray, and electron-diffraction techniques. Interpreta- 


tion of the results leads to a mechanism of reaction in which the rate-determining step 


during the steady phase is diffusion through a strained interfacial zone of constant 
thickness, comprised of the sulfi.'e of the alloying element dissolved in 8-silver sulfide, 
altering the number of normal lattice defects. The sulfide of thallium, which, unlike all 
the other alloying elements, vields a sulfide with a cation/anion ratio similar to silver 


sulfide, is exceptional 


INTRODUCTION 


A study of the kinetics of the reaction between 
many silver alloys and sulfur dissolved in mineral 
oil demonstrates that the solution of an alloying 
element in silver causes a retardation in the steady- 
state reaction rate (1). Generally speaking, the 
whole reaction may be broken down into two phases: 
the initial reaction similar to that with silver alone; 
the later reaction differs from that of silver (except 
for silver-thallium alloys) and follows a linear weight 
gain-time pattern. The linear relationship which 
describes this later steady state seems not to be 
particularly dependent on the chemical nature of 
the alloying element dissolved in silver. 

To explain this unusual behavior, an under- 
standing of how the composition and structure of 
the reaction films formed on silver alloys differ 
from that of ‘‘normal silver sulfide,”’ is required. Of 
particular concern is the final disposition of the 
alloying element. 

The purpose of this paper is to report the analyses 
of these tarnish films, and to formulate a mechanism 


of reaction. 
EXPERIMENTAL 


Spectrographic examination of films.—Samples of 
stripped sulfide films were diluted with nine parts of 
a buffer composed of equal parts of barium nitrate 
and ammonium sulfate and analyzed with a Zeiss 
Medium Quartz Spectrograph. Quantitative estima- 
tions of the amounts of alloying elements in the films 
were made by comparison with standards prepared 
with silver nitrate and salts of the alloying elements 


(usually the nitrate). The thicknesses of the stripped 
films varied from 10,000-50,000 A. 
described as “thick” films in the discussion below. 


These are 


' Manuscript received February 27, 1953. This paper was 
prepared for delivery before the Wrightsville Beach Meet 
ing, September 13 to 16, 1955. 


X-ray diffraction examination —‘Thick” films | 
were stripped, powdered, and analyzed by the 
powder method with a General Electric XRD-|! 
instrument employing a cylindrical camera and 
copper or cobalt radiations. 

Electron diffraction examination.—The_ electron 
diffraction analyses were made with a General 
Electric electron diffraction instrument. Both “thin” 
films (1000-4000 A) and ‘thick’ films were examined 
on the alloy panels by a reflection technique. “Very 
thin” films (less than 1000 A) were also stripped and 
examined by transmission. 

Film stripping technique.—A strip of a silver alloy 
which had reacted with sulfur was made the anode 
in a solution of O.8N nitric acid solution at room 
temperature and electrolyzed for 5 min with a 
current density of 4 amp/dm*. The strip was 
transferred to warm dilute nitric acid solution, 
rinsed, and then transferred to water. In water, the 
film was shaken loose, rinsed with water, then 
acetone, and finally dried. 

A separate sample of the same silver alloy was 
given the same electrolytic treatment to determine 
whether objectionable anodic films were formed by 
this treatment. 


Resu LTS 


Spectrographic examination.—-The results from the 
spectrographic analyses of the reaction films are 
summarized in Table I. The sulfide films grown on 
the silver alloys of aluminum, magnesium, and | 
manganese contain only a trace of the alloying 
element. However, an appreciable amount of the | 
alloying element was found in the films grown on 
alloys of antimony, cadmium, indium, thallium, and 
zine. It is significant that in every case the alloying 
element was evident. It was not possible to ge‘ 
reproducible values from a single sample of the film 
grown on the cadmium alloy. Deviations of +40‘ 
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from the 7.0% value were observed. This non- 
uniformity indicates that there were local concen- 
trations of cadmium in the film, some regions being 
richer in cadmium than others. The precision of the 
results reported for the other films is better, being of 
the order of +10%, with +20% for the zine and 
+25 % for the indium alloy. 

X-ray diffraction examination.—The x-ray ex- 
amination of the films from silver and silver alloys 
gave only the pattern for 8-silver sulfide, which has 
been assigned a monoclinic (pseudo-orthorhombic) 
structure by Ramsdell (2). The pattern for the film 
from the 9.6% Zn alloy was an exception in that 
extra lines were observed which were not identifiable, 
eg., not ZnS or ZnO. None of the other patterns 
gave any indication of the presence of alloying 
element, the sulfide of the alloying element, or any 
compound of the alloying element in these films. 
Both thin and 
thick films were examined by electron diffraction 


Electron diffraction examination. 


TABLE I. Spectrographic examination of films 


Estimated amount of 


Emission line (or line : 
ro ; 7 alloying element 


Alloy from which 


film was stripped used present in film 
Pure Ag 2721.8 0 
$.0 Al-Ag 2568 .0 0.015 
1.8 Sb-Ag 2877 .9 0.45 
30.0 Cd-Ag 2265.0 7.0 
11.8 In-Ag 2710.3 0.4 
0.4 Mg-Ag 2776.7, 2779.8 0.04 
1.3 Mn-Ag 2605 .7 0.01 
2.9 Tl-Ag 2918.3, 3229.8 0.9, 0.6 
5.9 Tl-Ag 2918.3, 3229.8 0.95, 0.7 
9.6 Zn 3302.9, 3345.0 0.5 


using the reflection technique. Only patterns for 
8-silver sulfide were observed. However, the inter- 
planar spaces in the patterns obtained from some of 
the films deviated from the X-ray spacings for pure 
3-silver sulfide. These deviations are believed to be 
indicative of distortions in the silver sulfide lattice. 
To make a quantitative estimation of this distortion, 
a “deviation” was calculated by subtracting the 
X-ray spacing from the electron diffraction spacing 
for each line. The deviations for all the lines in a 
given pattern were then averaged and this “‘average 
deviation” is given in Table II. 

It is apparent that the distortion is, in general, 
not only greater for the thin films, but decreases or 
disappears as the film grows outward. The maximum 
error involved in the measurement of the deviation 
is less than 0.01 A per line, so the deviation for the 
thin films is considerably more than that possible 
by an accumulation of experimental errors. On the 
other hand, most of the deviations observed in the 
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thick films could be accounted for by experimental 
error. 

Films on several high alloys gave greater dis- 
tortions. The deviation observed with the sulfide 
film from pure silver was quite small and of the 
order of experimental error in the measurement. 

Further measurements on films of the order of 

. -_ +4 . . o 
thickness of 500 A which had been stripped from 
the basis metal were made by a transmission 
TABLE II. Film distortions from deflection measurements 

Basis alloy composition Average deviation (A x 10? 
Thin films 


oO 
« 


24.4 Zn-Ag +3 .86 
15.3 In-Ag +3.75 
0.8 Mg-Ag +2.67 
1.2 Pb-Ag +2.58 
1.6 Al-Ag +2.40 
19.8 Cd-Ag +2.17 
Ag +0.75, +0.91 
3.2 In-Ag +0.71 
2.9 Tl-Ag +0.60 
5.1 Zn-Ag +0.08 
5.9 Tl-Ag 0.00 
9.4 In-Ag —(.41 


Thick films 


12.6 Zn-Ag +1.79 
1.2 Pb-Ag +1.00 

Ag +0.47 
0.8 Mg-Ag +0.40 
2.1 Sn-Ag +0.33 
5.1 Zn-Ag +0.16 
1.6 Al-Ag —0.13 
15.3 In-Ag —(0).42 
3.2 In-Ag —0.47 


TABLE III. Film distortions from 
transmission measurements 
Basis alloy composition 


Average deviation (A X 10 


c 


Ag —0.06 
3.2 In-Ag —(0).09 
30.0 Cd-Ag —0.92 
12.6 Zn-Ag —1.60 


technique. Only the pattern for silver sulfide was 
recorded. The measured distortion is reported in 
Table III, and it is significant that the distortion 
present in the film when the film was attached to the 
alloy disappeared, or the deviation shifted in a 
negative direction. 


DIscuUSSION 


The spectroscopic examination of the films 
showed that sulfide films grown on silver alloys of 
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cadmium, antimony, indium, thallium, and zine 
contained an appreciable quantity of the alloying 
element. The films grown on aluminum, magnesium, 
and manganese alloys contained only a trace of the 
Nevertheless, the X-ray dif- 
fraction analysis in all cases indicated only the 


alloying element. 


pattern for 8-silver sulfide. ‘This was confirmed by 
electron diffraction examination both with a reflec- 
tion technique and a transmission technique. There- 
fore, the conclusion was drawn that when alloying 
elements are present in the film they exist in the form 
of their sulfides dissolved in 8-silver sulfide. 

This conclusion is limited by the fact that all but 
the reflection electron diffraction measurements 
were made on stripped films, i.e., the system studied 
had been disturbed before the actual measurements. 
An examination of the surface (metallic) of the alloy 
after reaction would contribute greatly to our 
knowledge of the system. We would be able to 
determine whether or not there was a concentration 
of the alloying element on the surface of the alloy 
hindering reaction through the formation of a 
diffusion barrier. But, here again, to examine the 
reacted surface the sulfide film must be stripped. In 
so doing we would alter completely the system we 
would study. Another limitation imposed is that of 
the lack of sensitivity of diffraction measurements to 
minor constituents in mixtures. The electron 
diffraction apparatus is probably the best instrument 
now available for the study of surface reactions. 
However, various experimenters claim that a concen- 
tration of less than 5% would remain undetected in 
a mixture. The system here under investigation, by 
virtue of the well-formed silver sulfide crystals, is 
particularly suited for examination by diffraction 
techniques. 

The electron diffraction analyses show that 
usually the film just formed is distorted. As the film 
grows the extent of distortion decreases and largely 
disappears as the thick film is attained. If the film 
is stripped from the silver alloy, the distortion is 
relieved or the positive deviation is shifted to a 
negative value. 

The thick films appear similar in structure to that 
of “normal” silver sulfide which would suggest 
that the cause of the observed steady-state rate is 


located at the metal-film interface. 


Mechanism of Reaction 


A postulated mechanism of reaction of the silver 


alloys with sulfur must account, first, for the rapid 
reaction during the early stage of the reaction life, 
and, second, for the decreased rate exhibited during 
which constitutes the 


the steady-state phase 


greater part of the reaction. The behavior of the 
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silver-thallium alloys, which differ from the main 
body of alloys, must also be explained. 

The analyses of the reaction films indicate that 
the sulfide of the alloying element exists in the films 
in solution in the silver sulfide lattice. There is a 
concentration of the sulfide of the alloying element 
near the interface. This is the interpretation placed 
on the distortion observed in the sulfide lattice in 
the very thin film, but not in the thick film. This 
distortion is also associated with the attachment of 
the sulfide film to the alloy surface as shown by the 
relief of the distortion when the very thin films are 
removed from their metallic support. 

More weight is given to the results obtained from 
the electron diffraction examination because, in this 
case, we dealt with an undisturbed system. 

Thus, during the first rapid stage of the reaction, 


an interfacial layer comprised of the alloying 
element sulfide dissolved in @-silver sulfide is 


lattice. The 
determining step during this stage is the diffusion 


developed, giving a strained rate- 
of dissolved sulfur to the alloy strip surface. This 
distorted zone achieves a given thickness for a 
specific alloy. From then on the growth is slow, with 
the rate-determining step being diffusion through 
this interfacial zone. 

The process by which silver sulfide grows has been 
demonstrated to be one of diffusion of silver cations 
and electrons through a film which contains cation 
vacancies, the gradient of which vacancies governs 
the diffusion (3). Solution of the sulfide of the 
alloying element in the silver sulfide lattice changes 
the number of lattice defects. All of the sulfides of 
lower cation, anion ratio than Ag.S decrease the rate 
100 hr. These are ALSs, 
PbS, CdS, InoS., Megs, PdS, Mn, Sn, and 


ZnS. Films grown on silver-thallium alloys behave 


of reaction after about 


Sb. * 


much like those grown on unalloyed silver. The 
thallium sulfide, TLS, with the same cation anion 
ratio as Ag.S, enters into the Ag.S lattice without 
disturbing it and also without affecting the steady- 
state rate. 

The distortion observed in the majority of the 
films is more than that to be expected from the 
lattice 
spacings on an alloy with different lattice spacings, 


growth of a sulfide lattice with certain 
since such distortion was not observed in_ thin 
films grown on thallium alloys. 

The rate-determining steps for the two phases of 
the reaction are: (a) the diffusion of sulfur in 
solution to the metallic strip; and (6) the diffusion 
of silver cations and electrons through an interfacial 
zone of constant thickness. The interfacial zone is 


comprised of an alloying element dissolved in silver 


sulfide. 


a 
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The reaction rates are of an order accountable for 
y hindered diffusion through silver sulfide. How- 
ver, experimental work reported here does not 
liscount the formation of a barrier zone of alloying 
element at the interface between the metallic strip 
and the film. As suggested above, the presence of 
this zone would be difficult to prove experimentally. 
Che possibility of the alloying element remaining in 
solution in silver and diffusing backward as a 
significant step in the mechanism is unlikely. 

The expected rate of diffusion of many of these 
alloying elements in silver may be approximated with 
data collected by. Jost (4). The observed rate of 
reaction is 10°-10° times that expected by this 


process. 
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On the other hand, the extrapolated diffusion 
rates for silver in lead and aluminum are sufficiently 
rapid to account for the rates of reaction with sulfur. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1954 issue of the 
JOURNAL. 
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ABSTRACT 


Although Ti is very resistant to the action of all acids, except HCl, H.SO,, and es- 
pecially HF, its resistance breaks down if soluble fluorides are added to the acidic solu- 
tions. It was found that the HF liberated by acids partially dissolves the protective 
film that is always present on the surface of Ti. Hydrogen ions then are discharged at 
the local cathodes, which are now exposed to the acids through the pores of the film. 
In agreement with this concept, the rate of dissolution of Ti increases only slightly 
with increased concentration of a strong acid (HCl, H.SO,), at a constant concentra- 
tion of NH,F, but it increases greatly with increased concentration of NH,F (at a con- 


stant concentration of the strong acid). 





If the concentration of NH,F is increased still further, the Ti becomes passive, and 


simultaneously its potential decreases to —0.94 volt (hydrogen scale). This passiva 


tion could be explained by formation of a partial salt film on the surface of the dis- 
solving Ti, and by increase of hydrogen overvoltage on local cathodes, because of the 


NH,F present. 


INTRODUCTION 


Titanium dissolves readily in pure hydrofluoric 
acid, slowly in hydrochloric acid, and more slowly 
in sulfuric acid (1, 2). In all other acids titanium is 
nearly insoluble, but it reacts with many of these 
acids if some water-soluble fluoride is added to the 
acid. In the presence of such a fluoride, titanium is 
attacked by strong acids such as nitric, hydro- 
bromic, hydroiodic, and perchloric; acids of medium 
strength (phosphoric); and even by weak dilute 
acids such as formic and acetic acids. Trifluoroacetic 
acid also reacts violently with titanium if the acid 
is diluted with water. 

The intention of this investigation was to collect 
data concerning the proceedings and the rate of 
dissolution processes in the presence of soluble 
fluorides, in order to get some insight into the 
mechanism of this kind of dissolution. 

The experiments were made with Remington 
Arms 1.6 mm thick rolled titanium sheet of a purity 
of ~ 97.6% (1). Squares of 1 em’* surface area were 
cut, imbedded in Bakelite, and without any heat 
treatment, only 1 cm’ of the titanium plates was 
exposed to the action of the acid. The rate of dis- 
solution was computed from the volume of hydro- 
gen evolved. Purest NH,F was added to the solu- 
tions. The experimental arrangement was the same 


‘Manuscript received May 29, 1953. This paper was 
prepared for delivery before the Montreal Meeting, October 
26 to 30, 1952. Based on a thesis submitted by C. B. Gill 
in partial fulfillment of the requirements for the Ph.D. 
degree to the Graduate School of the University of Mis- 
sourl 


as described previously (1), and duplicate sets of ex- 
periments were made in each instance. 


Rare OF DissoLuTion oF TITANIUM AT 
A CONSTANT CONCENTRATION OF 
AMMONIUM FLUORIDE 

In Fig. 1, the rate of dissolution of Remington 
Arms titanium in hydrochloric and sulfuric acids of 
increasing concentrations at a constant concentra- 
tion of ammonium fluoride (0.05.7) is shown. 

The lowest curve shows the rate of dissolution of 
Ti in purest sulfuric acid. The rate of dissolution 
increases if ammonium fluoride is added, but in- 
creases only slightly, in all cases, with the concen- 
tration of the acid, even though LON hydrochloric 
acid is already a nearly concentrated acid. Each 
experimental point is the mean value of two ex- 
periments, and represents the maximum rates of 
dissolution. The dissolution usually began with a 
short period (or no period) of induction, then came 
a flat maximum, and finally the rate decreased 
slowly. The duration of each run was from 4-10 hr. 
As compared with the rate of dissolution in purest 
sulfuric acid, the rate is greatly increased by the 
presence of ammonium fluoride, and it is still higher 
with the dissolution in hydrochloric acid. However, 
the increase of the rate with the concentration of 
the acids is nearly the same in both cases. This is 
proved by the slopes of the straight portions of the 
curves, which are very nearly equal. 

Some of the experiments were continued in the 
acids over a period of from 50-70 hr, in order to 
find out whether or not the rate of dissolution. de- 
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pends on the absolute amount of hydrofluoric acid 
liberated by the displacement reaction, assuming 
that the reaction goes to 


HR + NH,F @ HF + NH,R (I) 


completion. It was found that the dissolution con- 
tinues at a considerable rate after a time, when, 
according to reaction (I), all the HF available was 
used up. This fact clearly shows that hydrochloric 
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Fig. 1. Rate of dissolution of Ti in pure sulfurie acid, 


and in hydrochloric and sulfuric acids, at a constant con- 
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ita. 2. Dissolution rates of Ti in constant concentration 
of HCl and H.SO,, plus increasing amounts of NH,F; 
| mm’ of hydrogen corresponds to 0.001424 mg Ti. 


and sulfurie acids attack titanium at a much faster 
rate in the presence of F- 
present. 


than when Fis not 


Rate oF Dissotution or Ti in Actps 
AT AN INCREASING CONCENTRATION 
or NH,F 
The rates of dissolution of titanium in 2N hy- 
drochlorie acid, in 2N and in 4N sulfuric acid, in 
the presence of increasing amounts of NH,F are 
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shown in Fig. 2. For comparison, the rates obtained 
in pure hydrofluoric acid are shown in the same 
diagram. The rates of the previous diagram, at 2N 
acid with 0.05M ammonium fluoride, are repre- 
sented by the first points on this graph. There is a 
considerable increase in the rates with increasing 
concentration of NH,F, from 0.05 to 2 molar, while 
in the previous diagram the rate in hydrochloric 
acid increased only from 62 to 77 mm*/cm’ min, 
while changing the concentration of the acid from 
0.5 to 10N. This behavior again shows the great 
influence of NH,F, or of F', on the acceleration of 
the process of dissolution. The fact that the rate in 
the mixtures of 2N hydrochloric acid and ammonium 
fluoride was found to be greater than in hydrofluoric 
acid alone, again testifies to the increased reactivity 
of hydrochloric in the presence of fluoride ions. 
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Fig. 3. Rates of dissolution of Remington Arms Ti in 
2N H.SQ,, with increasing amounts of NH,«F added. The 
HF curve is drawn for comparison. 


It was of interest to know how a further increase 
in ammonium fluoride concentration would influence 
the rate of dissolution. The effect of increasing addi- 
tions of ammonium fluoride to the 2N sulfuric acid 
is shown in Fig. 3. We would expect that the rate of 
dissolution should increase and approach some con- 
stant value, as shown by the horizontal dashed 
curve. Instead of this, the rate dropped quickly as 
soon as the concentration of ammonium fluoride in 
the solution exceeded 4M (two experiments are 
represented by the descending portion of the solid 
curve, and by the dashed curve). The drop in the 
rate was so severe that it is justifiable to speak of 
passivation of the titanium. The same phenomenon 
also occurred in hydrofluoric and in other acids, 
with the rate sometimes dropping down to 0, and 
then increasing slightly. Table I shows the degree 
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of passivation of titanium by ammonium fluoride. 
The final rate of dissolution in the presence of large 
amounts of ammonium fluoride was only 
less, of the maximum rate. 


l 95, Or 


POTENTIAL MEASUREMENTS 


In order to find out the reasons for the passiva- 
tion observed, potential measurements of titanium 
in the presence of large amounts of ammonium 
fluoride were made in air and in nitrogen. Table I 
shows the normality of the acid and the molarity of 
the ammonium fluoride. There were 30 grams of 
the salt in a total volume of 158-160 cm* of the 
acid. 

In every case, when the investigation was being 
made in air, after the aforementioned quantity of 
ammonium fluoride was added to the acid being 
used, whether sulfuric or hydrofluoric, the potential 
of the titanium electrode dropped to very negative 
values (down to —0.94 volt) within 20-60 min. 
Simultaneously, the titanium electrode turned dark, 
and the rate of hydrogen development fell off to 


TABLE L. Passivation of Ti by NH,«F: N- atmos phere 


Acid IN H4F] Rate in mm? cm? Final rate/maxi- 

Mf min mum rate 

2N H.SO, 0 0.0 

2N HeSO, 3.5 580 

2N H.SO, 5.8 81 — 17 1/34 

2N HSO, 4.9 34 —- 0 — 17 1/34 

IN HF 0 590 ~ 

LV HF 5.9 26—- 0-— 17 1/35 

IV HF 1.9 34 — 17 1/35 

LV HF 1.9 23— 17 1/35 


nearly a complete stop. Then, within the next 60 
min, the potential rose, and after some time dropped 
again more slowly, finally reaching a potential of 
approximately —0.78 volt, which is roughly the 
potential of a titanium electrode in pure hydro- 
fluoric acid. Nevertheless, the rate of dissolution 
was still very low, although it did rise slightly from 
its lowest reading (Table I). All of these potential 
fluctuations were probably related to the formation 
and breakdown of some kind of films on the tita- 
nium surface. This conclusion followed from the 
fact that in every case in air the acid mixture first 
turned greenish-yellow until the maximum negative 
potential was reached, indicating the formation of 
the complex ion [TiFes|° ; then at the constant po- 
tential reading the solution became colorless, which 
indicates the formation of the colorless complex ion 
(TiF |” , because of the presence of oxygen (oxidation 
of the trivalent titanium ion of the complex to tetra- 
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valent).” Each salt present might be in equilibriun 
with a separate kind of film on the titanium. 

This view was supported by the behavior o 
titanium in the same mixtures, but in a nitroge: 
atmosphere. The drop of the potential was as sever 
as in the first case, but then the potential stayed 
fairly constant after some initial fluctuations (Fig. 
4). However, the potential was far below that 
reached in pure hydrofluoric acid. The rate of dis- 
solution was very low (Table I). The color of the 
solution was greenish-yellow throughout the whole 
experiment. The electrodes were bright and shiny 
when removed from the flask after the runs and 
did not display any discoloring surface film, al- 
though the presence of a thin salt film was not ex- 
cluded. The surface of the titanium soon turned 
dark, especially when it was washed with water. 
The behavior of the electrical potential of this 
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Fic. 4. Potential of Ti in HF in the presence of large 
amounts of NH,F (Table I). 


oxidized electrode, in the ammonium fluoride-acid 
mixture in air, was very similar to that already de- 
scribed. Strangely enough, if the nitrogen was re- 
placed by air, as shown in Fig. 4, the potential did 
not change appreciably. 

There is a fundamental difference in the passiva- 
tion phenomenon just described, and the passiva- 
tion of many other metals. While, in the latter case, 
the potential of the metal becomes more positive 
during passivation, the potential of titanium and 
of a few other metals (8) becomes less positive, ac- 
companied by a decrease in the rate of dissolution. 
Under respective conditions, titanium also shows 
the usual anodic passivation (9). 

Attempts were made to prove the increase of 
resistance of the titanium electrode during passiva- 
tion. For this purpose the internal resistance of a 


? The difficultly soluble, dark violet crystals of (NH4)s 
[TiF;| were not obtained (7). 
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hiiHF, NH,F|Pt cell, just after switching off the 
current, produced by the cell itself, was measured. 
In the case of the presence of a salt film, a greatly 
increased internal resistance should be expected. 
However, the measurements revealed that the re- 
sistance on the titanium surface increased only 
slightly when the ammonium fluoride concentration 
exceeded 4M. This increase in resistance was not 
sufficient to explain the whole drop in the rates of 
dissolution (Table I), and revealed the porosity of 
such a salt film if it was present on the dissolving 
surface. 


OVERPOTENTIAL IN PRESENCE OF 
AMMONIUM FLUORIDE 
In order to get some further clue to the passiva- 
tion observed and, as the dissolution of titanium in 
hydrofluoric acid is an electrochemical process (1), 
it was of importance to know the behavior of the 
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Fic. 5. Overpotentials on a platinized Pt and Cu electrode 
‘overed with finely divided Cu) in 4N HF, in the presence 


of NH,F. 


local cathodes on the titanium in the presence of 
large amounts of ammonium fluoride. 

For the measurement of hydrogen overvoltage, 
the cell Ti} HF, NH,F|Pt (or with a copper cathode) 
was again chosen. The necessary current density was 
produced by the cell itself, in order to avoid com- 
plications which might be caused by anodically 
developed oxygen, using an external current. The 
cathodic potential was measured during the flow 
of the current by a 1N calomel reference electrode, 
whose capillary was touching the cathode. Thus, 
the overvoltage measurements were performed by 
the direct method (3), and the current density was 
adjusted by manipulating an exterior resistance 
(resistance box). 

The cathodic potential curves were obtained at 
different current densities in 4N hydrofluoric acid 
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(56 em’), to which, subsequently, amounts of am- 
monium fluoride in 3-gram increments were added. 
The results obtained are shown in Fig. 5. 

All the measurements made show definitely that 
the hydrogen overvoltage of the metals, platinum 
and copper, increases with the increasing concentra- 
tion of ammonium fluoride in the electrolyte. As 
all the curves in Fig. 5 follow Tafel’s equation, the 
increase in overvoltage can be characterized by 
the increase of the constant, a, of Tafel’s equation 
(4-6). This equation, as applied to the calculation 
of the negative cathodic potential, 7 (or overvoltage 
in volt), is as follows: 


n = —(a + b log i) 
Here a and 6b are constants and 7 is the current 


density in milliamp/em*. Table II shows that the 


TABLE II. Cathodic potential of platinized platinum in 
4N HF, with NH,F added; volume of the HF: 56 cm? 


tinm NHG¢F in in volt in volt 

amp/cm? _ mole/1! ° b : cak . ahest. 4 
10 0 0.089 (0.0523) —0.141 —0Q.127 —Q0.014 
20 0 0.089 |0.0523, —0.157  —0O.161 +().004 
30 0 0.089 |0.0523) —0.166 —0.175 +0.009 
4) 0 0.089 |0.0523; —0.173 —0.191 +0.018 
10 1.4 0.156 |}0.0270| —0.183  —0.174 —0.009 
20 1.4 0.156 0.0270; —0.191 —0.189 | —0.002 
30 1.4 0.156 }(0.0270' —0.196 —0.200 +0.004 
40 1.4 0.156 0.0270) —0.199 —0.213 +0.014 
10 2.7 0.213 10.0301; —0.248 —0.235  —0.008 
20 2.7 0.213 |0.0301; —0.252  —0.245 —0.007 
30 2.7 0.213 0.0301; —0.257 —0.263 +0.006 
4) 2.7 0.213 |0.0301) —0.261 —(0.271 +0 .010 
10 3.9 0.255 |0.0219| —0.277  -—0.275 —0.002 
15 3.9 0.255 0.0219) —0.281 —Q0.283 +0.002 


potential calculated from the equation is in good 
agreement with those obtained experimentally, and 
that the constant, a, increases from 0.089 up to 
0.255, with increasing ammonium fluoride additions. 

In the case of copper, there was still better agree- 
ment between the calculated values of the cathodic 
potential and those actually obtained  experi- 
mentally. The constant, a, increased from 0.335 to 
0.455, while the concentration of ammonium fluoride 
(in the hydrofluoric acid) increased from 1.4 to 
3.9M. The increase of the constant, a, with the con- 
centration of the ammonium fluoride, was linear 
in both cases. The constant, b, of the copper over- 
voltage curves, fluctuated between 0.064 and 0.084, 
indicating a steeper slope of the straight lines than 
for those of platinum. The influence of sodium 
fluoride additions upon the overvoltage had a 
similar, if not stronger, effect. The behavior of agar- 





l4 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


agar solutions added to the acid in separate experi- 
ments was analogous, although not so strong. It is 
also very possible that other metals would exhibit 
a similar cathodic behavior in the presence of am- 
monium fluoride. 


DIscUSSION 

There is some difficulty in trying to explain the 
phenomena observed, but on the basis of the ex- 
periments performed, the following conclusions 
were developed concerning the mechanism of the 
dissolution of titanium in acids, in the presence of 
soluble fluorides. 

[It cannot simply be assumed that the rate of 
dissolution of titanium is proportional to the con- 
centration of the hydrofluoric acid liberated ac- 
cording to reaction (I) because the dissolution of 
titanium continues with a considerable rate after 
the hydrofluoric acid has been used up. Hov ever, 
the increased action of hydrochloric, sulfuric, and 
many other strong and weak acids can be explained 
as follows. It was previously shown that the phe- 
nomena observed in the dissolution of titanium in 
acids can only be explained by the presence of a 
protective film on the titanium surface, this film 
being soluble in hydrofluoric acid, but nearly or 
completely insoluble in other acids (1). The film, 
which frequently is even clearly observable on the 
surface of the metal, probably consists of lower 
oxides of titanium (TicO,; ?), or of some basic salts. 
Only free hydrofluoric acid is capable of partially 
dissolving the film on titanium, and so the film is 
always in equilibrium with the hydrofluoric acid 
displaced according to equation (1), by the acid HR: 

TiO; + 6HF =— Tik; + 3H,0 
\f (IT) 
Ti** + 3F 


As hydrofluoric acid is a weak acid, reaction (1) 
becomes possible with very many acids, even weak 
acids, according to the law of mass action. 

The film becomes thinner, with increasing con- 
centration of the hydrofluoric acid, the pores in- 
crease, and the metal subsequently goes into solu- 
tion at a greater rate, according to: 

Ti + 3H* — Ti’* + 1144H, (IIT) 
The dissolution of the metal in the pores proceeds 
because of the action of local elements. The forma- 
tion of basic salts, or of an oxide film, which other- 
wise would occur during the dissolution process, is 
prevented by the hydrofluoric acid present. Thus, 
the thickness of the protective film is determined by 
the concentration of the hydrofluoric acid. 

In agreement with this concept is the slow in- 
crease in the rate with increasing concentrations of 
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HR, at a constant concentration of ammonium 
fluoride (Fig. 1), for, according to the law of mass 
action, the concentration of hydrofluoric acid in- 
creases only slowly with appreciable increase of 
[HR]. Therefore, the thickness of the film is reduced 
slightly, which in turn accounts for only a smal! 
increase in the rate of dissolution. Hydrochloric 
acid is more active than sulfuric acid because of 
the higher hydrogen ion concentration. 

The gradual tapering off of the dissolution reac- 
tion (although the hydrogen ion concentration of the 
acid solution is still high) is explained by the pos 
sibility of the binding of F” by Ti’*: 


3F- + Ti’* — TIF; (IV) 


as the [Ti’*] increases steadily during the dissolu- 
tion process, and the [F | decreases. With decreas- 
ing HF concentration, the film becomes thicker, the 
pores narrow, and the rate of dissolution decreases. 

If the [NH,R] is now increased, with a constant 
[HR], then, of course, the [HF] increases strongly 
(Fig. 2), as can be shown by applying the mass 
action law. The thickness of the film decreases, and 
the rate of dissolution of titanium increases ap- 
preciably with increasing |[NH,4F}. 

Increasing the concentration of ammonium fluo 
ride still more should have made the rate inde 
pendent of [NH,F]. Instead, the rate decreased 
sharply as soon as the 4N concentration was ex- 
ceeded. 

The explanation, according to the theory of local 
currents, is as follows. The rate of dissolution, V. 
as calculated from the increase of hydrogen volume, 
Av (developed on the surface area, A) during the 
time Af is given by equation (V), which was derived 
by one of the authors in 1930 (10). This equation is 
slightly modified here to obtain the correct (posi- 
tive) sign for the rate of dissolution: 


. Av " — € ‘ 
V = = kz! 
AtA r V) 


k being a constant, e the dissolution potential, 7 the 
overvoltage (potential) of the local cathodes, r the 
average resistance of each local cell, and z' the num- 
ber of local cathodes per surface unit (1). Equation 
(V) was used in 1933 to discuss the possibilities of 
protection of metals from corrosion, and especially 
the case of increased hydrogen overvoltage was 
emphasized (11). A similar equation for the same 
purpose was used by Mears (12) and Mears and 
Brown (13) in 1949 and 1950. 

At passivation, the rate V drops to low values, 
and usually can be explained by the shift of « 
toward positive potentials. The difference » — e 
then becomes small, and the corrosion current drops 
to nearly zero. However, for passivity in the case ot 
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titanium, the other three variables (z', 7, and r) are 
responsible, because of the very strange potential 
behavior of the passivated titanium (Fig. 4), the 
potential becoming more negative. Consequently, 
this passivation is different than with most of the 
other metals, and cannot be explained by the change 
in potential. 

A noteworthy reason for the passivity of titanium 
is the formation of the thin salt layer, as already 
mentioned. However, because of the low electrical 
resistance of this layer, it must have large pores, so 
that the dissolution can proceed in these pores at a 
rather high rate. Therefore, the salt layer, by shield- 
ing and blocking a part of the number of active 
eathodes (z'), decreases the rate of dissolution, but 
only partially explains the reason for passivation. 

The real reason for passivation of the titanium 
lies in the increase of the hydrogen overvoltage on 
the local cathodes (or decrease of the cathodic po- 
tential) because of the presence of the ammonium 
fluoride, as is clearly demonstrated by Fig. 5. The 
emf of the local elements in the pores drops, and a 
very low current density results. This condition is 
contrary to the behavior of metals where the pas- 
sivity is the result of a high current density in the 
pores of the protective film present on the surface 
of the passivated metal. In this case, the current 
density is very low, and is the reason, probably 
together with the extremely low [Ti'"], for the very 
negative potential of Ti. The [Ti'"] is low because of 
a complex ion formation with the ammonium 
fluoride which has been added. 

The conelusion is that the passivation of tita- 
nium by ammonium fluoride is caused by the de- 


crease in the number of active local cathodes 
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(covered by the salt film), and by the increase of 
overvoltage (polarization) on the free cathodes. 
Evidently these two effects overbalance the increase 
in the rate of dissolution, expected from the lowering 
in the anodic potential and the decrease in the re- 
sistance of the electrolyte, and as a result the rate 
of dissolution of Ti drops sharply. 

Thus this case of passivation is in agreement 
with the theory developed by one of the authors 
(10, 11), and recently by Mears (12). 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1954 issue of the 
JOURNAL, 
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The Electrolytic Preparation of Molybdenum from 


Fused Salts 


I. Electrolytic Studies' 


SEYMOUR SENDEROFF AND ABNER BRENNER 


National Bureau of Standards, Washington, D. C 


ABSTRACT 


Potassium hexachloromolybdate (II]), K;MoCl., dissolved in molten alkali halides 
may be electrolyzed to deposit pure molybdenum at the cathode. The effect of the 
operating variables on the nature of the deposit is discussed. 


INTRODUCTION 


In recent years, interest in the refractory metals 
has been stimulated by the need for materials for 
use at exceptionally high temperatures. Much 
attention has been given to molybdenum because of 
its availability in this country (1) and its favorable 
mechanical and physical properties at elevated 
temperatures (2). 

In view of this interest, a research program was 
initiated to determine the feasibility of an electro- 
lytic method for its production. Not only was the 
production of pure molybdenum powders of interest, 
but, further, the possibility of producing coherent 
molybdenum electrodeposits was explored. This 
latter is of particular interest since it would provide 
a means of by-passing the rather complicated 
powder-metallurgy techniques now used for pro- 
ducing molybdenum objects. When only surface 
properties are important, a coating of molybdenum 
may be applied to an object, thus conserving much 
of this critical metal and further enabling one to take 
advantage of the structural properties of the basis 
metal. In addition, electroforming with molybdenum 
would result in elimination of not only powder 
metallurgy but also many difficult and expensive 
fabrication steps. 


Historical 


The present commercial method of producing the 
metal consists of reducing pure molybdic oxide with 
hydrogen to form a fine powder which is then 
worked by powder metallurgy methods. Recently, a 
method of producing ingots by vacuum arc-melting 
has been brought to a stage of pilot-plant operation 
(3). A method for producing molybdenum deposits 
on objects has recently been described (4) which 

' Manuscript received April 7, 1953. This paper was pre 
pared for delivery before the Philadelphia Meeting, May 4 
to 8, 1952. Based on a thesis submitted by Seymour Sen 
deroff to the Faculty of the Graduate School of the Univer 
sity of Maryland in partial fulfillment of the requirements 
for the Ph.D. degree 


involves the reduction of molybdenum penta- 
chloride vapor by hydrogen in a sealed vessel at 
about 20 mm Hg total pressure and at 800° to 
1100°C. Another method for producing molybdenum 
deposits (5) employs the thermal decomposition of 
molybdenum carbonyl at about 600°C below 0.1 mm 
Hg. 

A thorough analysis of the literature and many 
attempts to duplicate published claims lead to the 
conclusion that pure molybdenum has not heretofore 
been electrodeposited from aqueous 
organic solvents, or from molten salts. 


solutions, 


Deposits containing as much as 50% Mo alloyed 
with iron, nickel, or cobalt, as the second element, 
may be obtained by electrolysis of acidic or slightly 
alkaline citrate solutions (6), and deposits of some- 
what lower Mo content alloyed with iron or cobalt 
can be obtained from concentrated alkali solutions 
(7); but examination of the properties of these 
deposits, when built up to a thickness of 0.001 in. to 
0.002 in., shows that, when the molybdenum 
content exceeds about 25-30%, the deposits have a 
high oxide content, are very weak, and usually 
crumble on stripping of the basis metal. Further, the 
phase diagrams for the binary systems of molyb- 
denum with nickel (8), iron (9), and cobalt (10) 
indicate that alloys containing less than about 90% 
molybdenum would not have satisfactory properties 
at elevated temperatures. 

Much work has been done in attempts to obtain 
pure molybdenum from organic and other low- 
temperature nonaqueous systems, but little has 
been published because of the lack of positive 
results (11-13). 

The work of Ksycki and Yntema (14) is the most 
recent paper on electrodeposition of molybdenum 
from aqueous systems. Deposits from their bath 
[Reference (14) p. 55] whose thicknesses were 0.1 
and 0.4 microns were analyzed? and found to 


2? Microanalysis performed by R. A. Paulson of this 
Bureau. 
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MoO. contains 75% molybdenum. Electron dif- 
fraction studies* indicated the possible presence of 
small amounts of free molybdenum in the deposits. 

The literature on the electrolysis of aqueous 
solutions of molybdenum compounds contains a 
large amount of conflicting information. After a 
thorough analysis of the literature and many 
attempts to duplicate claims (14-20), it can be 
stated with certainty that no electrodeposit whose 
major constituent is molybdenum metal has been 
obtained by the electrolysis of aqueous or organic 
electrolytes, with the possible exception of deposits 
which grow to only a few microns in thickness and 
then cease forming. The properties and composition 
of deposits as thin as these are extremely difficult to 
determine. This opinion is in agreement with 
Childs and coworkers (4) and Lander and Germer 
(5). 

An interesting process is described in Gmelin (21) 
with references to two review articles (22), one of 
which is clearly a translation of the other, and 
neither of which gives reference to the original 
publication. In this process, molybdenum penta- 
chloride, silica, and sodium chloride are heated, and 
the effluent vapors passed through molten sodium 
chloride, which is electrolyzed. Molybdenum is said 
to deposit at the cathode, which may be either 
copper or molten lead. This process may be that 
originally described by Gin (23). 

Another process recommended a mixture of 
calcium molybdate and molybdenum carbide dis- 
solved in bauxite (24), while still another recom- 
mended the electrolysis of molten calcium molybdate 
(25). Kratky and Bruckner (26) electrolyzed a melt 
of barium or calcium chloride and, after the elec- 
trolysis had begun, a water-free molybdenum salt 
was added. The calcium or barium metal already 
present in the bath from the initial electrolysis is 
said to reduce the molybdenum salt to molybdenum 
metal. Forland recommended a mixture of equimolar 
proportions of molybdenum pentachloride, sodium 
chloride, and aluminum chloride which melts below 
200°C (27). He claims that the low-melting point of 
the mixture permits electrolysis at 200°C without 
appreciable volatilization of the molybdenum 
pentachloride. This electrolysis was performed here, 
using a U tube as described by the inventor. Copious 
evolution of fumes both of the molybdenum penta- 
chloride and the aluminum chloride occurred. The 
cathodic deposit was a very fine spongy black 
powder which reacted with water with the evolution 
of gas. 

Andrieux reported the cathodic deposition of 


* Electron diffraction studies performed by M. Swerdlow 
of this Bureau. 
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molybdenum from a molten bath consisting of 
borax, sodium fluoride, zinc oxide, and molybdic 
acid at about 1000°C (28). In the same paper, 
rather similar solutions and conditions with other 
metals are said to produce borides rather than the 
free metal. 

As a result of work which appears later in this 
study, it seems highly improbable that pure molyb- 
denum metal can be deposited from an oxygen- 
containing melt, and that reports indicating this has 
been accomplished should be carefully checked. 


EXPERIMENTAL PROCEDURES AND APPARATUS 


Scope.—In determining the scope of this study it 
seemed, from an examination of the literature, and 
from some experience with the electrolysis of 
molten titanium compounds (29), that the most 
promising solvent would be mixtures of alkali 
chlorides. Therefore, practically all of the work was 
done in this medium. The molybdenum compounds 
chosen for investigation were those of greatest 
stability in each oxidation state of molybdenum. Of 
the hexavalent compounds, the molybdates are 
undoubtedly extremely stable, so sodium molybdate 
was the compound chosen. No hexachloride is known 
to exist, and the hexafluoride boils at 35°C. 

The most stable of the quinquivalent compounds 
is the pentachloride, which boils at 268°C. However, 
it has an appreciable vapor pressure above 150°C. 
In addition, it is rapidly hydrolyzed by atmospheric 
moisture at room temperature. Since a fair amount 
of work with this compound in molten salts has 
already been done, no further study of it, other than 
the check of the Forland patent described above, was 
undertaken. 

Of the tetravalent molybdenum compounds, the 
complex octacyanide is probably the most stable. 
It was prepared here and its properties were checked. 
The tetrahalide decomposes before melting and is 
decomposed by air, light, ete. Of the trivalent 
molybdenum compounds, the complex hexachloride 
is the most stable, and proved to be particularly 
suited to accomplish the purpose of this study. Most 
of this paper deals with the electrolysis of solutions of 
this compound. The divalent chloride is the most stable 
of the simple molybdenum halides and was chosen 
as the divalent compound for study in this work. 

The electrolytic studies presented in this paper 
are concerned mainly with the reactions at the 
xathode. Insoluble anodes, diaphragms, etc., for 
electrowinning are now under study. 

Equipment.—Since it was decided, on the basis of 
previous work with titanium, to do all electrolyses 
in an inert atmosphere, it was necessary to design 
equipment for that purpose. The requirements which 
were set for the equipment included: (a) upper 
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temperature limit of 1000°C; (6b) automatic tempera- 
ture control; (c) manipulable electrodes in a closed 
system; (d) visibility of electrodes and electrolyte 
during operation; (e) cathode agitation; and (f) 
sufficiently leak-proof apparatus to maintain an 
internal pressure of | mm and to maintain an 
adequate protective atmosphere under a reasonably 
small flow of argon. 

It became apparent that the design of such 
equipment could be greatly simplified if induction 
heating were used. A photograph of the equipment 
as finally assembled is shown in Fig. 1, and a 
schematic detail drawing in Fig. 2. A Pyrex glass 
cylinder, (A), 244 in. in diameter and 18 in. high, 
closed at the bottom, was placed in the furnace coil, 
(B), which was about 6 in. high and mounted on a 
transite platform. Inside the Pyrex tube was placed 
a ceramic cylinder, (C), made from ‘“Alfrax’’ body 


Fic. 1. Apparatus for electrolysis of fused salts 


and a small amount of binder, the purpose of which 
was mainly that of thermal insulation. Inside the 
ceramic cylinder was placed the machined graphite 
erucible, (D), made of AGR* graphite. The crucible 
was 6 in. high, 2 in. O.D., and had a !'4-in. wall 
thickness. A thin sheet of mica was used between 
the Pyrex envelope and the furnace coil since it was 
found that this reduced the tendency to are through 
the glass and crack it. A rubber bung, (FE), was 
used to close the top of the Pyrex cylinder. One 
central and five peripheral holes were drilled through 
the bung, 5-in. lengths of tightly fitting glass tubing 
were inserted in four of the holes, and short lengths 
of rubber tubing were fitted to the tops of the glass 
-tubes. A rod, '4 in. in diameter and 2 ft long, (F), 
was inserted through the center hole and served as 
a cathode. It was connected at the top to a variable 


‘ National Carbon Company, Cleveland, Ohio 
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speed stirring motor, (G), by a tightly fitting 
rubber coupling. Through the holes around the 
periphery of the bung were inserted a McDane! 
refractory thermocouple protection tube (glazed), 
(H), long enough to reach the bottom of the crucible, 
and a !4-in. diameter tungsten rod which served to 


hold the rod or sheet anode, (1), by means of « 


molybdenum connector, (J). A third peripheral! 


outlet was used as an escape chimney, (KX), and was 
fitted with a screw clamp, while in the fourth 
(which had no glass tube) was inserted a stainless 
steel tube, (L), extending to within 2 or 3 in. of the 
top of the crucible. It served as a gas inlet or 


2 (stirring motor) 


fo vocuum 
to rheostat 














to argon — (———~ 
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Fic. 2. Schematic diagram of electrolysis cell and auxili- 
ary equipment 


evacuation port. The fifth hole was closed with a 
rubber stopper and was used only for potential and 
polarization studies. The furnace was supplied with 
power by an Ajax-Northrup 3KVA mercury spark 
gap converter, which was controlled by a chromel- 
alumel thermocouple and a Brown controlling 
pyrometer, placed in the input circuit of the con- 
verter. The heating rate was rapid, the melt reaching 
a temperature of 900°C in about ten minutes. An 
air-cooling coil was placed around the top of the 
Pyrex cylinder near the rubber bung; thus the area 
around the bung was always kept cool to the touch. 
With the water cooling in the furnace coil around the 
glass and the ceramic crucible separating the’ glass 
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from the heated crucible, the thermal gradient was 
sufficiently large to permit long periods of operation 
with the charge at 900°C without softening the 
glass. 

General procedure.—The procedure is as follows. 
Electrolysis.—The electrolytes consisted of a mixture 
of alkali chlorides and a salt of molybdenum. The 
alkali chloride mixture henceforth is called the 
“halide solvent.” A typical electrolysis run was 
performed in a manner designed to exclude, insofar 
as was possible, traces of moisture or contamination 
by air. The procedure began with the purification of 
the “halide solvent”’ by fusing it at a temperature a 
few hundred degrees above its melting point in the 
crucible in which the electrolysis would be done. It 
was then allowed to cool in an argon atmosphere. 
The Pyrex vessel was then opened and the previously 
dried molybdenum compound quickly added on top 
of the solid halide solvent. (The method of drying 
the molybdenum compound was determined by the 
properties of the compound itself.) The bung and 
attached equipment were then set in place, with the 
anode and cathode withdrawn above the crucible. 
The system was evacuated, filled with argon to 3 or 
{ em above atmospheric pressure, and the argon 
flow continued. After flushing the system, the 
heating was started, and, as soon as the salts melted, 
the thermowell was inserted into the melt. At the 
desired operating temperature, the anode and 
cathode were inserted into the melt, the cathode 
connected to the stirring motor, the electrical leads 
connected, and the electrolysis begun. The flow rate 
of the argon was set at any value between 200 and 
3000 ce’ min as desired during the run, but the 
outlet chimney was always adjusted to maintain a 
pressure above atmospheric inside the system 
throughout the run. 

When very hygroscopic material, such as lithium 
chloride, was present, the following additional pre- 
treatment before electrolysis was required in order to 
expel all moisture and oxycompounds. The bath 
was heated to 900°C at the same time that the argon 
flow was increased to about 3000 cc/min. This 
rapidly drove out any released moisture and volatile 
oxycompounds, and reduced their opportunity to 
attack the solution. After 15-30 min at this tempera- 
ture, the solution was cooled to the operating 
temperature, the argon flow reduced to the usual 
value of about 300 ce/min, and the solution elec- 
trolyzed at low current density until the deposits 
showed no oxide present. 

At the end of a run, the cathode, anode, and 
thermocouple were withdrawn from the melt and 
allowed to cool in the inert atmosphere, while the 
electrolyte itself cooled and froze. The system was 
not opened until the temperature inside was below 
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100°C. After removing the bung with the anode and 
cathode, an auxiliary bung was quickly replaced, the 
system evacuated and filled with argon, and the 
electrolyte stored in an inert atmosphere for later 
runs. The rubber sleeves through which the elec- 
trodes and thermocouple well were passed were 
lubricated with silicone stopcock grease and all 
stationary joints were sealed with Unichrome® 
stop-off lacquer No. 323, as was the joint between 
the Pyrex envelope and the large rubber bung. 

The cathode deposit was separated by first soaking 
the cathode in boiling 10% hydrochloric acid. 
Contrary to some statements in the literature this 
does not appreciably attack molybdenum. After the 
adhering salts from the electrolyte were dissolved, 
the deposit, if powder, was removed by scraping, 
hammering, chiseling, or whatever procedure was 
required by the nature of the deposit. This was then 
lightly ground in a mortar and washed with distilled 
water. Fines and any impurities lighter than 
molybdenum remained suspended while the molyb- 
denum settled out. The liquid was decanted, and 
this was repeated until the supernatant liquid was 
practically clear. The molybdenum was then 
filtered, washed with acetone, and dried. 

Except where otherwise indicated, the cathode 
was a !4-in. diameter tungsten rod immersed to a 
depth of about 3 in., giving a cathode area of 0.15 
dm? (2.3 in.*). It was rotated at 300 rpm. The anode 
was a pure commercial molybdenum’ sheet, 0.5 in. x 
0.030 in., immersed to the same depth. 

The molybdenum anode was used mainly to 
simplify the investigation of the cathode reactions. 
It was found early in the work that molybdenum 
dissolves with 100% current efficiency in the molten 
chloride electrolyte. As a result, there were no 
complications introduced by anodic products, 
oxidation of the electrolyte, or any other factors 
usually associated with an insoluble anode. In 
electrowinning, a divided cell with an _ insoluble 
anode and some convenient anolyte may be required. 
Analysis.—Many analyses for molybdenum were 
performed using the volumetric Jones reductor 
method (30) and a few using the gravimetric method 
of precipitation in acid solution with a-benzoin 
oxime (31). 

Metallography.—The microstructure of the molyb- 
denum deposits was investigated by mounting 
specimens in Bakelite or Lucite and polishing by 
standard methods.’ The samples were etched with 
Murakami’s reagent, which consists of 10 grams: of 


> United Chromium, Ine., New York, ™. Y. 

* Fansteel Metallurgical Corporation, North Chicago, 
Ill. 

* The metallographic specimens were prepared by F. P. 
Brodell of this Bureau. 
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potassium ferricyanide and 6 grams of sodium 
hydroxide dissolved in 200 ml of water. 


ELECTRODEPOSITION 
General Considerations 


Potassium hexachloromolybdate (III), K,;MoClg, 
(for preparation see Part II of this series), was the 
most satisfactory electrolyte for electrodepositing 
molybdenum from fused baths. The salt was used 
in two types of halide solvents: (a) 1:1 mixture 
(by weight) of sodium chloride and potassium 
chloride, and (b) the eutectic mixture*® of lithium 
chloride and potassium chloride. Preliminary tests, 
with baths containing different concentrations of the 
molybdenum salt, indicated that the best deposits 
were obtained with baths nearly saturated with the 
molybdenum salt at the temperature of deposition. 


TABLE lI. 


Plating 
time 
hr 


Conc KsMoCl« 


Current density 
mole ‘ wt % 


amp/dm? 


30 
100 


Periodic reverse 
30 direct 
60 reverse 


All deposits were prepared at 900°C. 


The deposition was carried out over a range of 
current densities from 3 to 100 amp/dm* and over a 
range of temperatures from 600° to 900°C. The 
lithium chloride-potassium chloride melt had an 
advantage over the sodium chloride-potassium 
chloride melt in that it could be operated at a 
lower temperature, and coherent deposits, as well as 
powders, could be obtained from it. It had the 
disadvantage of being very hygroscopic, and 
required somewhat more care. The compositions, in 
weight per cent, of the two baths used for most 
work were: (A) NaCl 37.5%; KCl 37.5%: K,MoCl, 
25%, at 900°C; (B) LiCl 34%; KCl 41%; K,;MoCl, 
25%, at 600°-900°C. The composition of other 
baths tried is given in Table I. 

To demonstrate the life of the bath under pro- 

* The composition by weight of this mixture is 45.5% 
lithium chloride, 54.5% potassium chloride. 
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longed electrolysis, a quantity of current equivale: 

to about | amp-hr/gram of bath was passed throug), 
a small batch of bath (B). This was enough curren 

to replace the initial quantity of molybdenum i), 
the bath about 20 times. The bath was still in 
operating condition after this experiment, and no 
evidence of deterioration was observed. 

The deposits from bath (A) usually consisted of 
rather coarse powders, with an average diameter of 
about 0.01 in. In many instances, however, a layer 
of the deposit immediately next to the cathode, 
about 0.001 in. in thickness, was adherent to the 


cathode and appeared quite dense. A typical deposit 


from bath (A) is shown in Fig. 3, and a cross section 
of the adherent molybdenum layer next to the 
cathode is shown in Fig. 4. It was about one 
crystallographic grain thick. 


Deposits from KsMoCle—KCl-NaCl Solution 


Wt of deposit 
collected 


Iype of deposit 


Nonmetallic black powder 

Nonmetallic black powder 

Ncdular superficially coherent Mo deposit over 
lving thin coherent layer 

Dendritic Mo powder overlying adherent layer 
(see Fig. 12) 

Superficially coherent nodular deposit overlying 
adherent layer 

Powder agglomerates consisting of trees and large 
multifaceted crystals of molybdenum over an 
adherent layer 

Granular metallic powder over adherent layer 
(see Fig. 3 and 4 and col. 3, Table IV) 

Powder consisting of small platelets over about 
0.002 in. of adherent plate 


The deposits obtained from bath (B) at 900°C 
(Fig. 5 and 6) were similar to those from bath (A), 
except that the grain-size of the deposit was some- 
what finer and the coherent layer of molybdenum 
under the powder was thicker than with bath (A). 

At 600°C and 3 amp dm* coherent deposits (Fig. 
7 and 8) were produced which could not be obtained 
from either bath at 900°C. Fig. 9 shows a coherent 
tubular deposit of molybdenum from which the 
cathode has been dissolved. It was about 2 in. 
long, 0.25 in. in diameter, with a wall thickness of 
0.02 in. The tube was hard and brittle, but me- 
chanically sound. Its external surface was quite 
rough. The density was 9.6 g/em* or about 94% of 
the theoretical density of molybdenum. In com- 
parison, powdered molybdenum, which has been 
pressed and sintered, has a maximum density of 
about 92% of the theoretical density (32). The 
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ube was deposited on a tubular steel cathode 
oated with 0.001 in. of silver, and closed at the 
nd. Neither iron nor copper cathodes could be 
ised as they were attacked by the solution, ap- 


‘Le 





Fic. 6. Cross section of molybdenum deposit adjacent 
to cathode after removal of loose powder—bath B, 900°C 
5O0OX 


Fig. 3. Deposit of molybdenum powder—bath A. 50 





Fig. 4. Cross section of adherent molybdenum laver ‘ a : ; 
Fic. 7. Cross section of coherent molybdenum deposit 


ifter removal of overlying powder—bath A. 500 ; 
ee a eee from bath B, 600°C. 100. 





Fic. 5. Granules of Mo powder etched to show grain 
structure—bath B. 100. Fic. 8. Same as Fig. 7, etched to show grain structure 
5OOX . 





parently chemically displacing molybdenum from 
® the melt. At 600°C and 100 amp dm, the fine grain The purity of the molybdenum deposits was 
powder deposits shown in Fig. 10 and 11 were established by chemical and spectrochemical analyses 


pre duced. as discussed below. 
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Variables Involved in the Deposition of Molybdenum 


The study of the variables involved in the 
deposition of molybdenum was made for the purpose 
of determining how they affected the purity and the 
physical nature of the deposit. The most important 
factor in obtaining pure deposits of molybdenum was 
the purity of the reagents and the atmosphere above 
the electrolytic cell. 

Oxygen and moisture.—The exclusion of air and 
moisture from the salts composing the melt and the 


Fic. 9. Eleetroformed molvbdenum tube and cup 


Fic. 10. Molybdenum powder from 100-gram batch pro- 
duced at 600°C from bath B. 50x. 


atmosphere above the cell was of extreme importance 
for producing pure molybdenum deposits. Before 
this was recognized, impure deposits were obtained 
which contained oxide. Such deposits usually 
consisted of a layer of black powdery material 


adjacent to the cathode with a layer of molybdenum 


crystals over it. A black powder was also formed in 
the melt. X-ray diffraction analyses® established 


* Analyses performed by F. A. Mauer and H. EF. Swanson 
of this Bureau 


January 195 


that these black powders were largely Mo.O; mixe: 
with » small proportion of metallic molybdenum 

During runs with contaminated melts or atmos 
pheres, volatile blue and white products condensed 
on the upper walls of the glass envelope. These wer 
probably oxymolybdenum compounds of valence 4 
or 5 formed by oxidation of the K;MoCls. Bath 
(B), containing the hygroscopic lithium chloride, 
was particularly prone to give such results until the 
procedure previously described for pretreating the 
melt before electrolysis was worked out. 

The importance of maintaining an oxygen-free 
melt was demonstrated by two additional experi 
ments: (a) a bath which was operating satisfactorily 


Fic. 11. Molybdenum powder deposit on cathode, as it 
appears after immersion in dilute HCl to dissolve adhering 
electrolyte. 


was opened briefly to the air; the resulting deposit 
and melt contained black oxide; and (b) the intro- 
duction of about 0.1% by weight of sodium 
molybdate into a melt completely stopped the 
deposition of molybdenum. The changes of cathode 
potential occurring during the experiments will be 
discussed in Part III of this series. 

Composition of melts.—The main_ difference 
between the two baths, (A) and (B), is that the 
latter may be operated at a lower temperature. 
More coherent deposits were obtained from bath 
(B) at 600°C than from bath (A) at 900°C. Ap 
parently temperature is the most important variable 
in this case, as the deposits obtained from bath (B 
at 900°C, although somewhat more coherent than 
those from bath (A), were nevertheless powdery in 
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» ture. However, a careful comparison of a number 

deposits from the two baths at 900°C indicates 
that the presence of the lithium salt does have a 
beneficial effect on coherence and reduction of grain 
sive apart from the temperature effect. This is not 
necessarily a specifie effect of the lithium ion itself, 
but may be because of the presence of a trace of 
moisture which could not be removed from this 
ery hygroscopic material. Moisture, although 
harmful in large quantities, might be beneficial in 
trace amounts. Both baths operated at about 100% 





Fig. 12. Dendritic molybdenum powder 


bath A. 50 


Bath composition*® 


No 
AIC] KCl LiCl KaMoCk 300 
grams 

it 2.4 2.3 ba Solid 

2 1.3 1.2 - No solubility of Mo 
compound. Clear 
melt above red 
salt 

} 1.0 0.8 1.1 Same as 2 
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point than (B), two halide melts containing alu- 
minum chloride were tried, but as the solubility of 
K;MoCle was not very high in these melts below 
600°C, no further work was done with them. A 
comparison of these halide melts with bath (B) 
is given in Table II. 

Current The current densities used 
varied from 3 amp/dm? to 100 amp/dm*. Adherent 
and coherent deposits were obtained only from 
bath (B) at 3 amp/dm?. At higher current densities 
the deposits from both bath (A) and bath (B) were 
noncoherent, 


density. 


either dendrites or 
granular powder. The effect of current density on 
the deposits from baths (A) and (B) is shown in 
Tables I and III. 

Periodic reversal of current 
(A) in an 


consisting of 


was used with bath 
obtain smooth coherent 


deposits. No improvement was noted, although a 


attempt to 


wide range of direct and reverse cycles was tried. 
The forward cycles ranged from 20-60 sec duration 
with current densities from 30 to 100 amp/dm’. 
The reverse cycles ranged from 6-15 sec duration 
with current densities from 60 to 200 amp/dm*. No 
smoothing was obtained on periodically reversing 
current when depositing coherent molybdenum 
from bath (B) at 600°C and 3 amp/dm?. 


TABLE IL. Solubility of K;MoCl, in low melting halide solvents 


Temp, °C 
400 500 600 
Solid Dark red liquid Uniform dark red 
mixed with small liquid 
solid phase 
Melt above solid Reddish brown so- | Same as at 500°C 
Mo compound lution with some with only small 
very slightly col solid phase solid phase re 
ored ; maining 
Clear melt above Similar to 2 but Similar to 2 but 
Mo compound more solid pres solid phase larger 
ent 


* The concentration of K,;MoCl, in the three mixtures is in the range of 4 to 5 mole %. 


+t Composition No. 1 corresponds to bath (B). 


cathode current efficiency over a wide 
current density. 


range of 


Only a few variations in bath compositions were 
studied. A few tests were made with the KCl-NaCl 
halide solvent with lower concentrations of molyb- 
denum than in bath (A). The data are given in Table 
|, No. 14. The dendritic deposit of No. 4 (Fig. 12) 
consisted of needles 0.5 to 1.5 mm long and was 
characteristic of the solution of intermediate 
concentration of molybdenum. The needles were 
practically monocrystalline except for small crystals 
growing at edges, points, or other irregularities on 
the needles. To find a bath with a lower melting 


Anode.—In all of the electrolyses, a molybdenum 
anode was used. The anodes corroded cleanly with 
100 % efficiency. This is an advantage if this process 
is used for electroplating or electrorefining, but 
electrowinning would require either a soluble anode 
other than molybdenum, or more likely an insoluble 
anode. Insoluble anodes would require a divided 
cell compound is very 
sasily oxidized anodically. This was shown by an 
experiment in which the molybdenum anode touched 
the carbon crucible, thus making it anodic. The 
current efficiency of the anodic solution of molyb- 
denum was considerably reduced, and the content 


since the molybdenum 
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of molybdenum in the melt dropped considerably. 
The experiment indicated that anodic oxidation of 
the K;MoCl, to volatile molybdenum compounds at 
a graphite electrode occurred about as readily as 
anodic solution of the molybdenum anode. 
Voltage.—The voltage required for deposition of 
molybdenum was very low when using molybdenum 
anodes. It varied from about 0.045 volt at a current 
density of 3 amp/dm?® to about 1.5 volt at 100 
amp dm*®. This indicates that the electrolytic 
deposition and solution of molybdenum occurs with 


TABLE ILL. Deposits from K;MoCl,-KCI-LiCl solution 


Current . Wt 
Temp, density rte deposit 
amp collected 

dm? g 


Type of deposit 


Coherent rough plate, 
0.02 in. thick (see Fig. 
7,8, 9) 

Superficially coherent 
powder covering about 
0.01 in. of badly cracked 
and porous plate (see 
Fig. 6) 

Powder composed — of 
microscopic dendrites 
over coherent plate 

Fine grained powder 
(5.3 g) over approxi 
mately 0.0015 _ plate 
(0.43 g) 

Very fine-grain powder 
(see Fig. 10 and 11 
and col. 1, Table IV) 

Malleable nodular pow 
der deposit (see Fig 
5 and col. 2, Table IV) 


The composition of all solutions is that of bath (B) 


very little polarization. The cathode polarization is 
discussed more fully in Part III of this series. 


Characteristics of Deposits 


Purity of the deposits.—The purity of molybdenum 
is an important matter, since the ductility of 
molybdenum, particularly at low temperatures, is 
believed to depend upon the absence of certain 
impurities such as oxygen and nitrogen. The 
molybdenum content of the electrolytic powders 
was over 99% as determined chemically. Spectro- 
chemical analyses of three specimens of electrolytic 
powders (No. 1, 2, and 3, Table IV) are compared 
with three specimens of commercial molybdenum, 
one of which is a spectrochemical standard, and with 
a sample of specially purified molybdie oxide. The 
electrolytic powders compare favorably in purity 
with the standard specimens and commercial 
products. 
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The oxygen content of the electrolytic powdcrs 
was determined by heating in dry hydrogen | 
1060°C and noting the loss in weight.'® The specime iis 


prepared under the best conditions had an oxygen 
content of about 0.026%. With further improveme it 
in the atmosphere of the electrolytic cell and in the 
purity of the compounds, this should be capable of 
being reduced further. A qualitative test showed 
that the chloride content of the powders was 


negligible. Powders of columns 2 and 3, Table IV, 
are at least 99.9% Mo. 

Properties of the deposits.—The appearance of thi 
deposits has already been described. The electro- 
formed tube previously mentioned was brittle, but 
some nodular powders obtained by electrolysis at 
900°C (see Fig. 5) were somewhat malleable, as they 
could be slightly flattened with a hammer. The 
hardness of the powders ranged from 245 to 285 
Vickers hardness number. Some of the powder was 
compacted in a mold under a pressure of 30 ton/ in 
The compact, a cross section of which is shown in 
Fig. 13, was strong and had a density of 8.36 g/cm’. 
Further work will be done to determine the properties 
of the molybdenum after being subjected to sintering 
and rolling. 


Electrolysis of Other Molybdenum Compounds 


Molybdenum dichloride.—The interest in molyb- 
denum dichloride stems from the fact that it is the 
most stable of the molybdenum halides. It is inert 
in moist air at room temperature and may be 
heated at 600°C in an inert atmosphere without 
decomposition. It is only slowly attacked even by 
nitric acid or aqua regia. Its great stability is 
attributed to its existence as the trimer, Mo;Clg, or 
hexamer, MogClyp. 

Twelve grams of molybdenum dichloride (for 
preparation, see Part II of this series) was dissolved 
in 100 grams of the lithium chloride-potassium 
chloride eutectic mixture to make a 4 mole-% 
solution of MoCl,. This was electrolyzed in an inert 
atmosphere as described previously. 

The conditions of electrolysis were the same as 
those used with K,;MoCl, in the KCI-LiCI solvent, 
i.e., 600°C, 100 amp/dm? for 30 min. The results of 
the run were inconclusive and the experiment may 
need to be repeated. A rough treed deposit of 
molybdenum was obtained with a cathode current 
efficiency of only 37% based on Mo** and 55% 
based on Mo**. The solidified melt remaining after 
the run appeared similar to those obtained with 
K;MoCl., and analyses showed that all the molyb 
denum present was in the trivalent state. Thes 

©The method used was kindly communicated to the 
authors by H. EK. Hostetter, Climax Molybdenum Com 
pany, Detroit, Michigan. 
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TABLE IV. Spectrochemical analysis of electrolytic and commercial molybdenum powderst 


Impurity 
1 2 

Aluminum W VW 
Barium 
Calcium VW 
Cobalt VW 
Chromium = 
Copper vw T 
Iron WwW VW 
Magnesium VW » 
Manganese VW 
Nickel VW 
Lead VW T 
Silicon WwW VW 
Silver T 
Tungsten 


Oxygen* 0.257% 0.026% 
‘ol. 1—part of 110-g batch from LiCl-KCI solution. 


sample from NaCl-KCl solution. 


0.068% 


Sample No. 


3 4 5 6 7 
VW VW VW _ W 
VW 
r T T 
Vw Vw VW - Vw 
Vw T 
VW VW Vw T 
VW W VW VW W 
Vw VW T T 
WwW VW W Vw 
vw Vw VW 
T T T T 
Vw W VW W W 
W 


0.268% 


sample from LiCl-KCI solution produced with specially purified melt. 


2 
5 

ol. 4—Commercial molybdenum powder (Westinghouse Corp.). 
5—Commercial molybdenum sheet used as anodes (Fansteel Corp.). 


Col. 6—Specially purified MoO, used as spectroscopic standard. 


Col. 7—Molybdenum powder (Hardy) used as spectroscopic standard. 


W, weak = 0.01-0.1%. 

VW, very weak = 0.001-0.01%. 

T, trace = 0.0001-0.001%. 

* Not determined spectroscopically. 


t Spectrochemical analysis performed by E. M. Krumrine of this Bureau. 





Fig. 13. Cross section of compacted and presintered 
molybdenum bar prepared from electrolytic molybdenum 
powder. 100. 


results indicate: (a) that Mo?* in the melt is 


anodically oxidized to Mo**+ quite readily; and (b) 


that Mo** is not reduced to metal at the cathode 
readily, if at all. To confirm these indications a 
molybdenum dichloride melt would have to be 


electrolyzed with separate anode and cathode 
compartments. 

Sodium molybdate.—In previously published at- 
tempts to electrodeposit molybdenum from fused 
electrolytes, the alkali molybdates have been 
favored salts because they melt readily without 
decomposition. Mention was made above that small 
quantities of molybdates in a K;MoCl, bath in- 
hibited the deposition of pure molybdenum. There- 
fore, the production of pure molybdenum from fused 
molybdates is not to be expected. 

Two molybdate melts were electrolyzed at 900°C 
and 100 amp/dm? with a molybdenum anode as 
was done with the K;MoCl, in the KCl-NaCl 
solvent. They were: (a) pure anhydrous sodium 
molybdate, and (b) sodium molybdate, 13 grams 
dissolved in 100 grams of a melt consisting of equal 
parts by weight of sodium and potassium chloride. 
The results with both melts were similar. The bulk 
of the reaction product was found dispersed through- 
out the melt as a black, water-insoluble powder 


containing about 77% molybdenum, corresponding 
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to MoQ, (75% Mo). Only a very thin, somewhat 
metallic looking film, covered by a black powder, 
remained on the cathode. An x-ray diffraction 
examination of the material on the cathode indicated 
that it contained molybdenum metal, Mo,Q;, and 
Mo.C. The latter must have been deposited from a 
secondary product resulting from the reaction of a 
molybdenum compound with the carbon crucible. 
The black cathode product was estimated to contain 
about 50% free Mo. Electrolysis of the sodium 
molybdate melt at 3 amp/dm* produced no deposit 
at all at the cathode. 

Potassium octacyanomolybdate (1V).—Preliminary 
experiments with potassium octacyanomolybdate, 
KyMo(CN)s, indicated that it was not sufficiently 
stable at elevated temperatures to permit it to be 
electrolyzed. The compound was prepared by the 
method of Bucknall and Wardlaw (33) and de- 
hydrated without decomposition at 110°C. The pure 
salt, when heated in a sealed tube at 625°C, did not 
melt, but decomposed into gases and a_ black 
residue. Analysis by x-ray diffraction showed that 
the residue contained, among other substances, 
KCN and gamma-Mo.N in about equal proportions. 
Since it may be expected that the cyanide complex 
would be more compatible with a molten cyanide 
solvent than with a molten chloride, a melt was 
made with about equal parts of KCN, NaCN, and 
the octacyanide, and heated in a sealed tube to 
625°C. This mixture also did not melt, although 
KCN-NaCN alone has a melting point slightly 
above 500°C. The change in color, mainly to black, 
indicated that the molybdenum compound had 


decomp sed. 


SUMMARY AND CONCLUSIONS 


This study of the electrolysis of molybdenum 
compounds in fused salts has shown that a solution 
of potassium hexachloromolybdate (II) dissolved in 
a mixture of alkali halides can be electrolyzed in an 
inert atmosphere to produce deposits of pure 
molybdenum at the cathode. 

The recommended compositions and operating 
conditions for the deposition of pure molybdenum 
are: 

grams 
KCI 50 
NaCl 50 LiCl 
K,MoCl, 33 K,MoCl, 33 
900°C 600°-900°C 


The solutions may be operated at any current 
density up to 100 amp/dm? with a cathode current 
efficiency of 100% to produce deposits of 99.9+ % 
molybdenum. No information at higher current 
densities has been obtained. At high current den- 
sities, powders are obtained from both baths, but 
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with solution (B) operated at 600°C and 3 amp/din?’. 
coherent dense deposits of molybdenum up to 0.02 :y 
thick have been produced. It is believed that this is | 
the first reported instance of the production oj 
coherent massive electrodeposits of molybdenum. 
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The Electrolytic Preparation of Molybdenum from 


Fused Salts 


Il. The Preparation of Reduced Molybdenum Halides' 


SEYMOUR SENDEROFF AND ABNER BRENNER 


National Bureau of Standards, Washington, D. C. 


ABSTRACT 


An improved method for the preparation of potassium hexachloromolybdate (II1), 
K;MoClg, is described. Potassium molybdate is dissolved in hydrochloric acid and the 
solution electrolyzed in a divided cell. Hydrogen chloride gas is then added to the catho- 


lyte to precipitate K,;MoCl,g. 


A new method for preparing molybdenum dichloride, (MoCl,)z, is deseribed. Molyb- 
denuai pentachloride is reduced with molybdenum powder to the trichloride. This is 
then heated to produce the molybdenum dichloride by thermal dissociation. 


INTRODUCTION 


The methods in the literature for preparing 
potassium hexachloromolybdate (II1), K;MoCl., and 
for molybdenum dichloride, (MoCl.)z, were found 
to be unsatisfactory for the preparation of large 
quantities of material, and so new procedures were 
developed which are described herein. 


PorassitumM HEXACHLOROMOLYBDATE (IIT) 


Potassium hexachloromolybdate (II1), K;MoClg, 
was first prepared by Chilesotti (1) and later by 
Bucknall and coworkers (2). The latter’s procedure 
is based on an electrolytic reduction of a solution of 
molybdic acid in strong hydrochloric acid, followed 
by addition of potassium chloride. The method 
yielded a pure anhydrous product, but since it 
involved very dilute solutions and evaporations 
under reduced pressure, it was inconvenient for the 
preparation of large amounts of the salt. Modifica- 
tions were introduced which eliminated these 
defects and gave a very interesting insight into the 
chemistry of the formation of this compound. 

The procedure used in this laboratory for prepara- 
hexachloromolybdate (IIT), 
K;MoClg, is as follows. Potassium molybdate, 480 g, 


tion of potassium 


was dissolved in 1050 ml of water, and this solution 
was added to 1050 ml of 12N hydrochloric acid in 
a 3-liter beaker. (Note: If the acid is added to the 
molybdate solution, molybdie acid precipitates and 
is very difficult to redissolve.) The beaker was 
loosely covered with a plastic disk into which had 


'‘ Manuscript received April 7, 1953. This paper was pre- 
pared for delivery before the Philadelphia Meeting, May 4 
to 8, 1952. Based on a thesis submitted by Seymour Sender- 
off to the Faculty of the Graduate School of the University 
of Maryland in partial fulfillment of the requirements for 
the Ph.D. degree. 


been drilled one large central hole, two smaller holes 
near the outer edge at both ends of a diameter, and 
a third smaller hole near the outer edge. A porous 
alundum cylinder, closed on the bottom, was filled 
with 200 ml of 12N hydrochloric acid and inserted 
through the central hole of the cover. This cylinder 
served as a diaphragm between the anolyte it 
contained and the catholyte around it. Two sheets 
of platinum, used as cathodes, were held by platinum 
wires through corks placed in the two opposite holes 
in the cover, and a glass tube connected to a nitrogen 
tank was inserted through a cork in the third outer 
hole of the cover. A '4-in. diameter graphite rod, 
serving as anode, was inserted into the anolyte and 
the level of the anolyte was adjusted to the same 
height as that of the catholyte. 

The solution was electrolyzed with a current of 20 
amp (cathodic current density, about 7 amp/dm* 
for 8 hr. 

The course of the electrolysis was followed by 
taking samples of the catholyte, adding them to 
excess ferric alum solution, and titrating with 
potassium permanganate. When the reducing power 
of the catholyte became constant, the electrolysis 
was stopped. The catholyte was agitated during the 
electrolysis by a stream of nitrogen, and the anolyte 
received periodic additions of concentrated hydro- 
chloric acid to replace that lost by electrolysis and as 
spray. The temperature of the catholyte rose during 
the electrolysis to 65°C, and the solution became 
dark red. The catholyte was removed, heated to 7 
95°C, and saturated with hydrogen chloride gas. \s 
the solution cooled, more hydrogen chloride gas was 
added and crystals of K,;MoCl, separated. These 
were filtered, washed with 1600 ml of 12N hydro- | 
chloric acid, 1600 ml of 1:1 12N HCl-alcoho! 
mixture, and 1600 ml of methanol. The red erystals 7 
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ere dried by heating under reduced pressure, and 
nalyzed. 

The analysis gave Mo, 22.6% and Cl, 50.2% 
‘heoretical—Mo, 22.5% and Cl, 49.9%). A yield of 


(00 grams or about 70% of calculated was obtained. 
Properties 


During the development of this method a series 
of reactions were observed which demonstrate that 
the [MoCl«}~* ion is extremely stable in acid solution 
ind not subject to rapid reversible dissociation and 
formation at room temperature. If the catholyte 
is reduced and saturated with hydrogen chloride gas 
without permitting its temperature to rise, and then 
cooled to near 0°C, potassium chloride precipitates. 
If instead of cooling after saturation with hydrogen 
chloride, the solution is heated at this point to 
above 80°C, K,MoCl, precipitates, 1.e., 


KCI (white ppt.) 
oCcs 
if 


Reduced catholyte + HCl 
red solution \ 


‘\ 
20°C \ 80° C 


K;MoCl. (red ppt.) 


This conclusively demonstrates that the reduced 
catholyte, before heating, contains potassium ions, 
cations containing trivalent molybdenum, and 
chloride ions, and little, if any, complex molybdenum 
HHLONS., 


On cooling, the potassium chloride crystallizes 


Sbecause of its insolubility in concentrated hydro- 


chlorie acid. On heating, however, the reaction 
Mo** + 6Cl- — [MoCle}* occurs and K;MoCl, 
precipitates. On cooling the mother liquor from this 
precipitation, more K;MoCl, separates but no KCl, 
because most of the K* has been removed in the 
precipitation of the complex salt. Were |[MoCl,|~* in 
equilibrium with Mo** and Cl-, as is the case with 
complexes such as |[Ag(CN)s|~ or [Ag(NH;)2}*, the 
K;MoCl, would have precipitated immediately on 
saturating the reduced catholyte with hydrogen 
chloride. the function of the 
used by investigators to 


Probably major 


evaporations previous 
prepare this salt was the formation of the complex 
ion by heating, rather than merely concentrating the 
salts. 

The salt, K,MoCl,, is a brick-red stable salt. It 
precipitates without any water of crystallization, 
but, if insufficient hydrogen 
before precipitation, an aquo complex, possibly 
K»[MoClsH,O] (2), may The 


chloride is added 


precipitate. water 


= annot be removed from this compound by heating 


ithout decomposing the compound. The K;MoCl, 
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may be heated in air at 110°C without any de- 
composition. In the dry state it is stable to light and 
not hygroscopic. It may be heated in vacuo to at least 
600°C for 20 hr without observable decomposition 
or melting. This is particularly significant when one 
remembers that MoCl,; is unstable above 340°C (4) 
and that at 650°C it is completely decomposed to 
MoCl, and Mo metal. This further demonstrates 
that the K;MoCl, is not a double salt which may be 
represented by the formula 3KCI-MoCl,, but that 
it is a salt of the highly stable complex anion, 
[MoCl,|*-. When very hot its color darkens slightly, 
but it lightens again on cooling. It is rapidly de- 
composed at 600°C, however, if in contact with air 
or moisture. The standard procedure finally adopted 
for removing the last traces of adsorbed water from 
the compound before using it in a molten electrolyte 
was to heat it in vacuo at 250°C for two to three 
hours and then to store it in a desiccator. 


MOLYBDENUM DICHLORIDE 


Molybdenum dichloride, (MoCl.)x, where the x 
has been shown by various investigators to be 3 or 
6 (3), was first prepared by Blomstrand (5) by the 
thermal decomposition of molybdenum trichloride 
which he obtained by the hydrogen reduction of 
molybdenum pentachloride. The difficulties in this 
procedure were noted by Liechti and Kempe (6) and 
others who suggested various precautions and 
modifications. The hydrogen reduction of molyb- 
denum pentachloride is particularly difficult and 
attempts here to accomplish this resulted in impure 
products with poor yields. Lindner and co- 
workers (7) describe what is alleged to be a superior 
method in which molybdenum powder is chlorinated 
by reaction with phosgene at 610°C. 

This reaction was attempted both as directed and 
with a number of modifications but was unsatis- 
factory for the preparation of appreciable amounts 
of pure material. After consulting the thermo- 
dynamic data on the molybdenum halides collected 
by Quill (4), a method was devised which proved 


quite successful. According to Quill, the reaction: 


MoCl, — MoCl, + MoCl + MoCl (1) 


at 340°C at 1 atm total pressure reaches equilibrium 
with MoCl, at a partial pressure of 0.7 atm and 
MoC\, at a partial pressure of 0.3 atm. Further, at 
330°C the reaction: 


2Mo + 3MoCl, — 5MoCl, (s) (11) 


goes practically to completion with the MoCl,; at 
| atm pressure. 
Lastly, the reaction: 


MoChk (s) — MoCl, + Mo (111) 
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does not begin until 530°C is reached and at 600°C 
the equilibrium pressure of MoCl, is only 1 atm. 

By heating molybdenum powder with an excess 
of molybdenum pentachloride in a sealed tube at 
350°C, reaction (Il) may be accomplished while 
reaction (1) is suppressed. When the molybdenum 
powder is all used up, the excess molybdenum 
pentachloride may be removed and the molybdenum 
trichloride heated at some temperature below 600°C 
to form MoClh, without reaction (II1) occurring to a 
large extent. 

An attempt to reduce molybdenum pentachloride 
to molybdenum dichloride by reduction with 
molybdenum at high temperature in one step did not 
give a pure product. This was probably due to the 
molybdenum powder being coated over with MoCl, 
which prevented further reaction of the molybdenum 
metal. The two-step procedure, however, was quite 
successful, although it was necessary to perform the 
final step at 650°C, resulting in slight contamination 
of the MoCl, by molybdenum powder. Below this 
temperature the disproportionation of the trichloride 
proceeded somewhat slowly. 

The following was the procedure used: 7.6 g of 
Mo powder was mixed with 36.6 g of MoCl, (4.6 g 
MoC\l; excess) and charged into a Pyrex gauge glass 
tube 1.5 em diameter and 30 em long. The tube 
was evacuated, sealed, and placed in a steel pipe 
closed at both ends. The entire assembly was 
allowed to stand in a furnace at 350°C for 48 hours. 
The tube was tilted during this heating so that most 
of the product would be at one end. After cooling, 
the other end was opened and a “‘condensing angle”’ 
was sealed onto the open end. The “condensing 
angle’’ was a 12-in. length of the same gauge glass, 
bent in the middle to an angle of about 120°. The 
tube was again evacuated and sealed and set in the 
furnace with the 6-in. length beyond the bend 
protruding out of the furnace. The temperature 
was brought up slowly and the excess molybdenum 
pentachloride collected in the cold end. 

When most of the pentachloride had distilled over 
(at about 300°C) the temperature was raised to 
650°C and held there for 24 hours to effect the 
disproportionation and further _ purification. 
Although the hot end softened and flattened con- 
siderably, the glass did not collapse or break, and 
the bright yellow dichloride, (MoCl,)z, remained in 
the hot portion of the tube. Fourteen grams of 
relatively pure material were obtained for a yield of 
65% based on the molybdenum powder used. 
Analysis showed it to contain 58.3% Mo and 43.7 % 
Cl. Theoretical composition for MoCl, is 57.4% Mo 
and 42.6% Cl. A slight excess of molybdenum may 
be present in the product and is probably due to 
free molybdenum metal formed by decomposition 
of the MoCh. This could have been avoided by 
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heating for a much longer time at about 600°C 
instead of 650°C, but since a small amount of frie 
molybdenum metal would not be harmful in ay 
electrolysis test, it was not considered necessary (o 
do this. 

Properties 

The material must be used in the condition in 
which it is produced. Attempts to remove the free 
metal with dilute nitric acid resulted in the forma- 
tion of a hydrate, rMoCl.-yH,O from which the 
water could not be removed without decomposing 
the salt. The (MoCIl,)x is slightly soluble in alcohol, 
but an alcoholate is formed, and attempts to drive 
off the alcohol also resulted in decomposition. 

A sample of MoCl, was mixed with a portion of a 
eutectic mixture of lithium chloride and potassium 
chloride which had been previously fused and 
ground. The mixture had the following composition 
in weight per cent: MoCh, 12.3%; LiCl, 40.3%; 
KCl, 47.4%; and was a 4.4 mole per cent MoC|, 
solution. On heating this mixture in an evacuated 
sealed tube to 600°C, the charge became completely 
fluid and, on freezing, it was observed to have 
become a uniform bright red. A complex halide had 
evidently formed. 


SUMMARY 


A simplified method for the preparation of 
potassium hexachloromolybdate (III) and a new 
method for the preparation of molybdenum di- 
chloride has been described. 
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IIL. Studies of Electrode Potentials' 


SEYMOUR SENDEROFF AND ABNER BRENNER 


National Bureau of Standards, Washington, D. C. 


ABSTRACT 


Polarization and equilibrium potential studies in molten halide solutions are de- 
scribed. A new reference half-cell, i.e., Ag, AgCl, was used. It was found that molyb- 


denum is rather noble (between copper and silver) in the emf series in this system, but 


that oxides are preferentially deposited if oxycompounds are present. Evidence for 


ionic association and complex formation in molten halides at 600°C is discussed. 


INTRODUCTION 


In order to obtain some insight into the electro- 
chemistry of the fused salt systems (1), measure- 
ments of cathode potentials were made on some of 
them, and the static potentials of a number of 
metal-metal salt systems in the same halide were 


measured. 
IcX PERIMENTAL 
Reference Electrode 


To measure electrode potentials, a reference 


electrode, which is constant, reproducible, and 
reversible, is required. Yntema and his students (2) 
described a reference electrode for use in molten 
salts between 100° and 200°C which consisted of an 
aluminum rod in a ternary mixture of AlCl;-NaCl- 
KCl. This was not suitable in the range of interest, 
1.e., 600 


\ICl,. An ideal molten electrolyte for this range of 


900°C, mainly because of the volatility of 


temperature is silver chloride, which melts at 455°C, 
boils at 1550°C, and is easily prepared with high 
purity. No other stable valence states of silver exist 
to provide ambiguity of composition, and, in the 
absence of light, the chloride undergoes no visible 
decomposition when heated for long periods of 
time. Oxide contamination, which is a_ serious 
problem in most molten systems, does not occur in 
silver chloride because silver oxide decomposes at 
about 300°C, and, if formed during filling of a cell, 
would be destroyed when the cell is brought up to 
lemperature. 
That the Ag, 


AgCl(l) cell is reversible and 


‘ Manuscript received April 7, 1953. This paper was pre- 
pared for delivery before the Philadelphia Meeting, May 4 
'o 8, 1952. Based on a thesis submitted by Seymour Sender 
off to the Faculty of the Graduate School of the University 
{ Maryland in partial fulfillment of the requirements for 
he Ph.D. degree. 


practically nonpolarizable was shown by Aten, den 
Hertog, and Westenberg (3) who reported that 
silver dissolved anodically and deposited cathodically 
from molten silver chloride at 475°C, and that the 
polarization voltage was only 0.5 my at a current 
density of 1 amp, dm*. This was confirmed in tests 
described below. 

In the design of a cell, one serious disadvantage 
of the Ag, AgCl(1) electrode had to be considered. 
Since silver is quite noble, its presence in an elec- 
trolyte in which the potential of a base-metal 
electrode was being measured would cause a serious 
error. On the other hand, the presence of a foreign 


electrolyte, containing a base-metal ion, in the 


molten AgCl would have a minor effect on the 
potential of the reference electrode as its effect 
would be dependent only on the slight decrease in 
the concentration of AgCl in the cell. The cell was 
designed, minimize diffusion and 


convection, and to cause-the direction of flow of 


therefore, to 


molten liquid, if any, to be toward the molten silver 
chloride rather than toward the electrolyte, and to 
have a large amount of silver chloride present so 
that small impurities of electrolyte 
entering it would cause negligible changes in its 
potential. 


base-metal 


The reference electrode cell is shown in Fig. 1. 
It is made of fused silica and consists of two tubes 
(A, D) of 9-mm bore connected by a heavy walled 
capillary (B) of 1.5-mm bore. Another capillary 
tube (C) is fitted as shown, onto one of the larger 
tubes. The end of this capillary is bevelled to an 
angle of about 60°, and is the equivalent of the 
Luggin capillary used as a probe for measuring 
potentials in aqueous solution. At the point where 
capillary (B) enters tube (D), there is a constriction 
which is tightly packed with asbestos. Molten silver 
chloride is poured into tube (A) and suction is 
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applied to tube (D) [while stopping up the opening 
of (C)| until a tiny bead of silver chloride is drawn 
through the asbestos plug. A clean !g-in. rod of 
silver is inserted into the molten chloride to within 
one inch of the bottom of tube (A) and held in that 
position by a silver disk fitting over the top of the 
tube. A silver wire is silver-soldered to the top of 
the silver rod. The entire cell was anchored at the 


top in an aluminum fixture in which it was rigidly 
held by spring-loaded set screws. This fixture also 
held the cathode in contact with the end of capillary 


(C). A strip of molybdenum sheet serving as anode 
was bent to a half-cylinder and placed over the 
outside of tube (A). It was held by a clamp, to 
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asbestos plug. The levels of the solutions \ ey | 
adjusted so that the level of the electrolyte in [ 
was slightly higher than that of the silver chloride 
in (A). The asbestos plug was tight enough to prey en; 
flow of solution through it except under app ied 
vacuum, as when filling the cell, but the levels were 
adjusted in this manner so that if flow did occur it 9 
would be toward the silver chloride rather thay a 
toward the electrolyte. Current was passed through & 
the cell (cathode area = 0.1 dm?) as for plating | 

The current was set and held at each value for abou ( 
one minute while the potential between the cathode | 

and reference electrode was measured using 

potentiometer and high-sensitivity galvanomete: 


ag 
bs 


Zero current values were taken before and after | 
vach run, and they usually agreed fairly well. 

When measuring equilibrium potentials, the anoc 
was not used, and the cathode hung above capillary 
(C) rather than in contact with it. The same pro 
cedure for maintaining an inert atmosphere wa: 
followed. Potentials were read at half-hour intervals 
and when the potential remained constant withir 
| mv for 3 hr, that value was taken as the equilibrium 
potential. 

The reproducibility and reversibility of — th 
reference electrode was confirmed in the following 
manner. Silver chloride was poured into both sides 
of the quartz cell, capillary (C) was sealed, and silver 
rods inserted in both legs of the cell. The entire unit 
was immersed in molten potassium chloride-lithium 
chloride eutectic mixture which was maintained at 
600°C. The immersed area of the electrodes was 
0.025 dm?*. The initial potential difference of 3.0 m) 
fell in | hr to 0.4 my, at which point the potentia 
difference became constant. This potential dif 
ference is probably due to some small asymmetry in 
the two electrodes, contact potentials, ete. The ce! 

“ was then polarized by passing current through it for 
ae 5-min periods. The circuit was then opened and thi 
potential read. 

After passing | ma through the cell, the 0.4-m\ 
potential was re-established in less than 30 sec after 
opening the circuit. With 2.5 ma, | min was required, 
and with 5 ma (equivalent to 0.2 amp /dm?*) the ce! 


Fig. 1. Detail of reference electrode half-cell 


which a heavy plastic-insulated wire was attached. 
This wire was wound as a helix and served as an 
anode lead. 

The entire assembly was suspended by the cathode 


was permanently polarized, its potential being | m)\ 
from the electrode connector, (J),2 the anode lead 


30 min after opening the circuit. Since full-scale 
wire and the wire from the silver reference electrode 


were drawn through holes in the rubber stopper in 
the bung, (E),? and the system closed. After the 
procedure described earlier (1) for establishment of 
an inert atmosphere was followed, the electrolyte in 
the crucible was melted and the electrode assembly 
lowered into the crucible. The electrolyte then 
entered tube (D), through capillary (C), and formed 
a liquid junction with the silver chloride at the 


deflection of the galvanometer used during the 
measurements corresponded to a current of 0.6 | 
yamp, the possibility of polarizing the cell while 9 
balancing the potentiometer was negligible. That the 
cell is reversible is demonstrated by the fact that 
one of the silver rods was anode, and the other! 
cathode during polarization, and, up to 2.5 ma, the 
cell reverted rapidly to normal on stopping. the 
polarizing current. The reversibility of the molyb- 


? See Fig. 2, Reference (1) denum electrode in the K,MoCl,-alkali halide melt 
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demonstrated by the electrodeposition and 
dic solution of the metal at low current densities 
low polarization. 


i 
Cathode Potential Measurements 

\ solution of K;MoCl, in LiCl-KClI 
mixture of a standardized composition (4.1 mole % 
k.MoCls) was prepared and purified by thermal 
and electrolytic means (1). The reference electrode 


eutectic 


cell, with molybdenum anode and cathode, was 
inserted into the melt and allowed to stand until 
the statie potential became fairly constant. Readings 
were then taken at 20 points in the current density 
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Fig. 2. Cathode potential curves for solution of K;MoCl, 


in LiCl-KCI (0-100 amp/dm?*) measured against silver-silver 
chloride electrode. @—600°C; O—700°C; @—S800°C; @ 
90°C 


range from 0-100 amp/dm*. Fewer points were 
taken in the upper than in the lower part of the 
range because, at high current density, the nature 
of the cathode surface changes very rapidly and 
makes the values obtained less reliable. Current 
density-potential curves were determined at 600°, 
“00°, 800°, and 900°C. Duplicate runs were made for 
ach temperature, no two runs at the same tempera- 
ture being done consecutively. In addition, the runs 
at different 


random 
equence, so that the cffects of time or systematic 
ariation in the solution would not be confused with 
temperature effect. The average value of the two 


temperatures were done in 
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determinations of cathode potential for each current 
density and temperature was used in plotting the 
isothermal cathode potential curves. Fig. 2 shows 
these over the entire range of 0-100 amp/dm’. Fig. 3 
shows the 0-10 amp/dm? range on an expanded 
scale. On the whole, the values are reproducible to 
about +10 mv. 

The static or equilibrium potentials range from 
0.349 volt to 0.501 volt between 600° and 900°C 
with a temperature coefficient of +5 & 10~ volts 
deg. The silver reference electrode is the positive 
(noble) pole. 
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Fig. 3. Low current density portion of curves of Fig. 2 


silver-silver chloride 
700°C; @—800°C; @ 


(0-10 amp/dm*) measured against 
reference electrode. @—600°C; O 
900°C, 


When the same solutions were contaminated by 
exposure to air, the current density-potential curves 
shown in Fig. 4A were obtained. The equilibrium 
potentials ranged from 0.071-—0.034 volt between 
600° and 800°C with a temperature coefficient of 
— 2X 10“ voltage. Heating to 900°C and /orelectrol- 
ysis restored the solution to its original condition. 

These results show conclusively that air con- 
tamination ennobles the potential of a molybdenum 
electrode in the solution by about 0.3-0.4 volt. 

In order to study the cathode potentials in a 
system containing potassium molybdate, a solution 
consisting of 45.5 grams of LiCl, 54.5 grams of KCl, 
and 18.5 grams of K.MoQO, (4.1 mole % K.MoQ,) 
was prepared and current density-voltage curves run 


under inert atmosphere, with usual precautions for 
drying the salts. The initial values of equilibrium 
potentials varied from 0.75-1.25 volts, with no 
reproducibility between the zero current potential 
at the beginning and end of the run. The silver 
electrode was still the positive pole. In any event, 
this unstable potential showed the electrode to be 
much less noble than in the trivalent molybdenum 
solution. The solution was then electrolyzed, after 
which stable equilibrium potentials were obtained. 
The values were 0.029 volt at 600°C and 0.052 volt 
at 900°C, or about the same as in a melt con- 








Fig. 4A. Cathode potential curves for air-contaminated 
K;MoCl, solution. @—600°C ; 700°C; @—800°C 

Fic. 4B. Cathode potential curves of solution of KoMoO, 
in LiCl-KCl. @—600°C; @—900°C. (Both measured against 
silver—silver chloride reference electrode. ) 


taminated with air. The temperature coefficient was 
+8 X 10°° volts/deg in this range. These values 
remained in this range despite heating, electrolysis, 
or other treatment. The cathode potential curves 
for this solution are shown in Fig. 4B. The potential 
values obtained in this solution are not as repro- 
ducible as in the uncontaminated trivalent molyb- 
denum solution. 


Equilibrium Potentials of Other Metals in Molten 
Lithium Chloride-Potassium Chloride 


To obtain some information about the emf series 
in molten halide melts at 600°C, and particularly 
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the position of molybdenum in this series, equ ili). 
rium potential data were obtained for zinc, fer roy) 
iron, cuprous copper, and silver, each in 4.1 iol 
per cent solutions of their chlorides in the \K(‘. 
LiCl eutectic mixture in the absence of air. Thp 
anhydrous salts were prepared in the following} 
manner. Commercial anhydrous C.P. zine chloride | 
and ferrous chloride, FeCl.-4H.O, were dried in , 9 
current of dry hydrogen chloride at 400°C for two) 
hours. Cuprous chloride was washed free of cupr 
compounds with water and, dried at 450°C in 
stream of dry hydrogen chloride. Since zine wal 
molten at the temperature of the experiments, the 
zine electrode consisted of a pool of zine in thy 
bottom of the vessel. Electrical contact was estab. | 
lished with a tungsten rod sealed in glass. Measure. 9 
ments were made as described earlier. 

Table I gives the equilibrium potentials found fo; 
these systems. 

Also included in the table is the equilibriun 
potential found for molybdenum under conditions 
similar to those used for the other metals. Thi] 


TABLE I. Potential, E, of M electrode in 4.1 mole % \ 
chloride dissolved in KCI-LiCl (eutectic composition 
against the Ag, AgC] (pure) reference electrode at 600°C 


M 


Zine 


Iron (divalent) 


Copper (monovalent) 0.626 
Molybdenum (trivalent) 0.349 
Silver 0.312 


table represents the emf series for these elements a! 
600°C at a concentration of 4.1 mole ‘per cent 
LiCl-KCI eutectic mixture as solvent. 


Discussion OF RESULTS 
Current Density-Potential Curves 


One of the most important facts demonstrated 
previously (1) was the inability to obtain a pur 
molybdenum deposit from solutions containing J 
oxygenated salts or ven from solutions of non 
oxygenated salts which have been slightly con 
taminated with air or moisture. Whenever oxy 
compounds were present, the current efficiency for 
molybdenum deposition was reduced and molyb | 
denum oxides were formed in the deposit, as show! 
by x-ray diffraction. A consideration of the potentia | 
measurements with the pure trivalent molybdenum, | 
air-contaminated trivalent molybdenum,  an¢} 
molybdate solutions clearly demonstrates the cause | 
of this behavior. In addition, it gives some insight 
into the electrochemistry of these systems. ‘The 9 
equilibrium potential of a molybdenum electrode 1! 








1 95,8 


fs ilib.| 


1 rOus fl 


nole 
KC. 
lhe 
OWing 
loridk 
: In 4 


r tw P 


‘upri 
In 4 


* Wag 


S, the ; 


mn the 
stab. ji 


ASUrt 
ad for 


briun 
itions 


This 


trated | 


pur 

Lining 
non 
con 


OXS 


"Vy lor Z 
olyb- | 


show! 
ential | 
PUM, ’ 
and 
cause 
nsight 
The 


de 


¢ 


a) air-contaminated trivalent molybdenum solution 
i; about 0.4 volt lower (more noble) than in a pure 
trivalent molybdenum solution. A difference of this 
magnitude indicates that the electrode reactions 
occurring in the two systems must be entirely 
different. Not only is this shown by the magnitude 
of the difference in potential but by the fact that the 
temperature coefficient of the potentials differs in 
magnitude and sign. 

Consider the manner in which oxides deposit on 
the cathode from contaminated solutions. Since the 
trivalent molybdenum salt is easily oxidized by air 
at these temperatures, one of the effects of the 
contamination must be to produce oxygenated 
compounds of molybdenum in which the molyb- 
denum has a valence higher than three. The potential 
measurements showed that the reduction of these 
intermediate valence molybdenum compounds to 
the trivalent oxide proceeds at a more noble potential 
than does the reduction of trivalent molybdenum to 
molybdenum metal. That is, the higher, more 
negative potential is characteristic of the electrode 
reaction, Mo*+ + 3e — Mo; and the more noble 
potential is characteristic of a reaction which may 
be written: 


+ 


Mo“+*) + ve O, MoeQs. 


It is apparent that oxygen must be absent from 
the system in order to obtain pure molybdenum, 
Therefore, from a contaminated bath at low current 
density one would expect no molybdenum deposit at 
all, only oxides, and at high current density, when 
the cathode has become sufficiently polarized to 
reach the deposition. potential for molybdenum 
metal, both processes should occur. At 600°C, the 
cathode in a contaminated bath does not reach the 
potential at which molybdenum can codeposit with 
the oxide until a current density of 30-40 amp/dm? 
is attained, and, at 900°C, it barely reaches it at 100 
amp/dm?, 

In the 
potassium 


initial potential measurements on the 
molybdate solution no equilibrium 
potential at all was obtained with a molybdenum 
electrode. The unstable potential observed was more 
than 0.5 volt less noble than that for reducing 
trivalent molybdenum to metal. This suggests that 
a molybdate solution is actually not in equilibrium 
with a molybdenum electrode, that is, the reaction 
MoO> + 6e — Mo+ 4 Om either does not occur or 
never reaches equilibrium. The very high initial 
potential observed is of no consequence with regard 
to electrode reactions since, after electrolysis for a 
short while, it changes to a stable potential of about 
ie same value as that obtained with an air-con- 
‘aminated trivalent solution. 

The molybdate solutions and the contaminated 
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trivalent molybdenum solutions turn blue during 
electrolysis, which confirms the presence of molyb- 
denum compounds with a valence of 4 or 5, and it 
is these, rather than the hexavalent molybdenum, 
which are in equilibrium with the electrode. Breaks 
in the curve occur in the vicinity of 0.3 volt at about 
30 amp/dm’, and these probably represent the be- 
ginning of the reduction of trivalent molybdenum 
to metal. Since the potentials measured in the elec- 
trolyzed molybdate solution and in the air-con- 
taminated trivalent molybdenum solution are about 
the same, the same reaction may be occurring. This 
is confirmed by x-ray diffraction which identified 
Mo,.Q,; in the deposit from the molybdate and in 
the deposit from the trivalent molybdenum solu- 
tion. 

The potentials of a molybdenum electrode in 
dilute solutions of KsMoO, and K,;MoCl, in AICl,- 
NaCl-KCl mixture at about 200°C were reported 
(4) to be about the same. They are the same be- 
cause those experiments were all run with the solu- 
tions exposed to air and all of the solutions were 
purified by electrolysis. Therefore, this compared 
electrolyzed molybdate solution with an air-con- 
taminated trivalent 
tions which were shown here to give very similar 
cathode potential curves. Neither of these solutions, 


molybdenum solution, solu- 


however, gives pure molybdenum deposits, so the 
deposition potentials which were reported cannot be 
ascribed to any definite electrode reaction. 


Relation Between Cathode Potential Curves 
and the Nature of the Deposit 


The cathode potential curves for deposition of 
molybdenum at the various temperatures were ex- 
amined to determine whether they correlated with 
the physical form of the deposit. The molybdenum 
deposits obtained from the fused baths were pow- 
dery or dendritic, with the exception of the deposits 
obtained from the 600°C bath below a current den- 
sity of 3 amp dm’; it is of interest to inquire 
whether cathode 
potential curves. In deposition from aqueous solu- 


this is related to the observed 
tion, the production of fine-grained smooth deposits 
is often associated with a higher polarization than 
that attending the deposition of the coarsely crys- 
talline or spongy deposits from solutions of simple 
salts. The smoother deposits may not necessarily 
be caused by the higher polarization, but apparently 
the same conditions that yield the smoother de- 
posits also cause the higher polarization. 

The cathode potential curve for molybdenum 
deposition at 600°C (Fig. 3) has a slight change in 
curvature at about 3.5 amp/dm?, which corresponds 
approximately to the change of deposit from the 
coherent to the powdery form. However, this break 








is so slight that it is barely beyond the precision of 
measurement, and may be considered as the effect 
of the change in surface area of the deposit on the 
cathode potential, rather than a change in the 
nature of the electrode reaction. The slope of the 
curve for 600°C is somewhat flatter than the curves 
obtained for the higher temperatures over the 
whole range of current density from 0-100 amp/dm? 
thus indicating a higher polarization. It is only 
from the 600°C bath that smooth coherent deposits 
are obtained at low current density. They became 
powdery above 3 amp/dm’, but this is probably 
the usual “burning” which is observed with all 
plating solution at high current densities. 

The main difference between the current density- 
potential curve for deposition at 6€0°C and at the 
higher temperatures appears to be the presence of a 
break in the 600°C curve at about 0.25 amp/dm’. 
This break indicates that a change in the electrode 
reaction occurs at this point and that it may be the 
source of the polarization observed in this bath. It 
is suggested that this represents the current density 
at which the (MoCl,)* 
becomes the rate-controlling step of the reaction. 
Below this point, the deposition of molybdenum 
may occur by discharge of the Mo** ion, but above 


the slow dissociation of 


this point the concentration of the simple molyb- 
denum ion in the cathode film is essentially zero, 
and deposition proceeds by discharge of the complex 
anion. 

At 900°C, the rate of dissociation of the complex 
anion is sufficiently great to permit deposition to 
occur from the simple cation over the full range 
investigated and so the deposits are powdery at 
all current densities. When operating at 600°C, as 
the current density is decreased from high values to 
3 amp/dm*, the deposit changes from powdery to 
coherent. On lowering the current density still 
further, the deposit changes back to powdery at a 
current density corresponding to the observed break 
in the curve at 0.25 amp/dm?. This hypothesis is in 
accord with observations on the thermal stability 
of the salt K,;MoCl., which is quite stable at 600°C 
(in vacuo), but at 900°C produces a slight sublimate. 
This is indicative of a slight dissociation of the com- 
plex into MoCl;, which, in turn, is not stable at 
that temperature. Other evidence for the slow dis- 
(MoCl,)? water 
solution (5) and its magnetic susceptibility which 
indicates that it exists as the very stable octahedral 
structure with a d’*sp* bond type. Further evidence 
for the view that the molybdenum is present as a 


sociation of are its reactions in 


stable complex in the fused salt bath comes from 
observations of the potentials of other metals in 
fused electrolytes, as described in the following 
section. 
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Static Potentials of Molybdenum and Other 
Metals in Fused Electrolytes 


The equilibrium potentials of molybdenum and 
four other metals in a fused KCI-LiCl melt contain. 
ing each metal in a concentration of 4.1 mole per 
cent are given in Table I. The point of most interest 
is that molybdenum is relatively noble, being very 
close to silver in potential. Thus, it is not surprising 
that iron and copper displace molybdenum from a 
molten plating bath. The noble position of molyb- 
denum in this series also suggests that these baths 
might be very well suited for electrowinning. This 
prediction requires caution with respect to particu- 
lar metallic impurities, since the various metals 
might not take the same positions in this series as 
they do in the aqueous system. It appears that 
nickel may be more noble than copper in this fused 
halide system. 

Metal salts appear to form complexes in fused 
baths just as they do in aqueous solutions. A com- 
parison of the emf series in three types of fused 
baths and in water solution is shown in Table II. 

All the potentials have been calculated with 
reference to a silver electrode immersed in a solu- 
tion of a silver salt at the same concentration as 
the other metals in the series. For example, column 
t is obtained from Table I by taking the potential 
of silver in a 4.1 mole per cent solution (potentia! 
0.312 volt) as the instead of 
silver in pure molten silver chloride. Column 1 is 
calculated from the data of Verdieck and Yntema 
(6) for one mole per cent solutions of salts of the 
indicated element in AICI,-KCl-NaCl solvent at 
200°C. Column 2 was calculated from the measured 
values of the potentials of Daniell cells consisting of: 
M /pure molten chloride of M/ / pure molten chloride 
of N/N, where M and N are metals, at 600°C given 
by Lorenz [{(7) Vol. III]. (The value for tin is at 
350° but the author states that the temperature 
coefficient of the potential is very small in this case. 
Column 3 is the familiar emf series for electrolytes 
of unit activity in aqueous systems, taking the silver 
instead of the hydrogen electrode as zero. 

The potentials in columns | and 2, for the alumi- 
num chloride type solvent and the pure fused 
halides, respectively, are quite close. The potentials 
in the fused KCI-LiCl] bath in column 4 are between 
those in an aqueous media in column 3 and those in 
columns 1 and 2. A significant difference between 
the pure molten salt system, column 2, and the 
aqueous system, column 3, is the absence of solva- 
tion in the former, since there is no solvent; and the 
existence of extensive solvation of the ions by water 
in the latter. If this is the cause of the differences 
in the two series, then the salts dissolved in the 
aluminum chloride mixture 
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dition very similar to the pure molten state, 
while the salts dissolved in the KCI-LiCl mixture 

tumn 4) are to some extent solvated. 

Che calculation of the activity of metal ions in 
fused salt baths of the type in column 4 lends sup- 
port to the view that salts therein are solvated. 
rhe voltage, L, of the following cell was calculated 
from data of Lorenz (7) and from the data given 
here: Zn/ZnCl. (4.1 mole %) KCl, LiCl//ZnCl 
(pure)/Zn; BE = 0.850 volt at 600°C. Substituting 
this value of emf in Nernst’s equation gives the 
activity® of zine in the 4.1 mole per cent solution as 
10° mole per cent, This shows that zine is rather 
tightly complexed in the alkali halide melt. Lorenz 
has demonstrated the existence of a complex chloro- 
plumbate anion in the molten mixture of KCl- 
NaCl-PbCk and in KCI-PbChk by 
measurements [(7) Vol. II]. 
salts apparently do not form complexes in molten 
alkali halides. 

A. similar for silver dissolved in a 
KCI-LIC] that 
zine and lead, does not form complexes to any 
extent. From the data of Table I, 


transference 
However, all metal 


calculation 
melt shows silver, in contrast to 
the voltage of 
the following cell: 
Ag AgCl, (4.1 mole %), KCL, LiCl/ /AgCl Ag 

is 0.312 volt. Calculation of the activity of silver in 
the alkali halide melt yields 1.6 mole per cent as 
compared to the actual concentration of 4.1 mole 
per cent, thus indicating very slight complexing. A 
calculation on a similar silver chloride concentra- 
tion cell was made with data taken from Suchy (8) 
who, however, did not give complete data on the 
mole per cent silver in his alkali halide melt. The 
this the above, 
which shows that silver chloride does not appreciably 
form complexes in the alkali halide melt. In all of 
these calculations, liquid junction potentials have 


results of calculation confirmed 


been neglected. 

The comparison between the potentials in the 
aluminum chloride-alkali halide melt and the pure 
metallic halide melts indicated that complexing of 
metal compounds did not occur in the aluminum 
chloride melt. The explanation of the difference 
between the aluminum chloride type melt (column 
|, Table IT) and the alkali halide melts (column 4, 
Table IL) is that all of the potassium chloride and 
sodium chloride in the former melt has been com- 
plexed by the aluminum chloride which is present 
in excess to form stable ions of the form, (AICI,)~, 
so that no alkali halide remained for the complexing 
1 the other metals. From these results it seems that 


* The standard state of unit activity is taken to be that of 
he metal ion in the pure salt. 
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solvents for molten salts may be compared as to 
their relative tendency to accept or donate anions 
just as solvents in acid-base phenomena are com- 
pared as to their tendency to accept or donate 
protons. 

Studies of complex formation in molten salts 
may be of considerable interest in problems of elec- 
trodeposition of metals from these systems, since 
it is known that in aqueous systems many metals 
are better deposited from complex ions than from 
simple ions. 


SUMMARY AND CONCLUSIONS 


Potential and polarization studies have shown 
that the inability to obtain pure molybdenum de- 
posits from systems containing oxygenated salts 
stems from the fact that the deposition of oxides 
occurs at a potential of about 0.3 or 0.4 volt more 
noble than the reduction to metal. As a result, even 
slight 


contamination of the electrolyte 


or oxycompound 


by air, 


moisture, results in gross con- 


TABLE II. EMF series in various media 


E (volt) 
Type of electrolyte | "AIC 2, Fused 43 | fused 
Element 

Zine 0.42 0.43 1.6 0.97 
Lead (ous) 0.30 0.32 0.92 

Iron (ous) 0.19 1.2 0.72 
Tin (ous).. 0.17 0.07 0.93 

Copper (ores) 0.04 0.28 0.31 
Molybdenum 0.04 
Silver 0 0 0) 0 


tamination of the deposit with oxides, even when 
operating at high current densities. 

Polarization studies have shown that the cathode 
polarization is small at the higher temperatures, 
but somewhat greater at 600°C. There is also some 
that the differs at 
600°C from the mechanism at higher temperatures. 


evidence reaction mechanism 
It is believed that the production of coherent de- 
posits results from the higher polarization involved 
in plating from a stable complex anion of molyb- 
denum and from the fact that the operating tem- 
perature is well below the recrystallization tempera- 
ture of molybdenum. 

The relative position of zinc, iron, copper, molyb- 
denum, and silver in the emf series in molten lithium 
chloride eutectic mixture as 
solvent at 600°C has been established. Molybdenum 
has been shown to be more noble than all but silver. 


chloride-potassium 


The values for the potentials obtained indicate that 
these metals tend to form complexes in this solvent 
and are present mainly as the chloro-metal anion. 
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The use of potential measurements such as these in 
determining solvation or complex-formation in 
molten electrolyte solvents has been explored. 

A new reference electrode for measuring poten- 
tials in molten salts has been described. It consists 
of silver in pure molten silver chloride contained in 
a suitable cell to reduce contamination of the elec- 
trolytes due to diffusion and convection. The refer- 


ence electrode has been shown to be stable, con- 


stant, and reversible. It is easy to prepare and may 


be used over a wide range of temperature. 
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The Acid Dissociation of the Aquoscandium Ions 


Il. Effect of ‘Temperature and of Ionic Strength’ 


Martin KILPATRICK AND Lewis PoKkrRas’ 


Department of Chemistry, Illinois Institute of Technology, Chicago, Illinois 


ABSTRACT 


The first dissociation constant of hexaaquoscandium ion and the dimerization con- 
stant for the hydroxylpentaaquoscandium ion have been determined over the tempera- 
ture range 10°-40°C in aqueous solutions, whose ionic strengths were adjusted with 
sodium perchlorate. From these data, approximate values of AH and AS have been 
calculated. The effect of electrolyte concentration on the above equilibrium constants 


is also reported. 


INTRODUCTION 


In an earlier publication (1), it was shown that 
the acidity of the aquoscandium ion in perchlorate 
systems may be explained by assuming the following 
equilibria to be of major importance: 


(H.O)s " 
[Se HoO)g¢ }** — H.O 7 Se + H,0O* (1) 
OH 
SCs Ses 
(He.O)s | (H2O)s; }** 
2) Se ~~ Se (II) 
OH OH 
S€2 See 4 


It was found convenient to define the hydroxy] 
number: 


n = (3 —a)+ Cxaon — Cucio, (IIT) 
Cr 
where a is the ratio of perchlorates to scandium 
atoms in the solid scandium perchlorate hydrate 
employed to prepare the buffer solutions studied; 
CCrcio, and Cy,on are stoichiometric molar concen- 
trations of total scandium salt, perchloric acid, and 
sodium hydroxide, respectively; and n represents the 
stoichiometric number of hydroxyl groups per scan- 
dium atom in the systems studied. 
epresenting the equilibrium constants for equa- 
tions (1) and (II) by Ay and Ka, respectively, and 
defining the constant for the over-all process: 


2Se; + 2H.O = Seo,, + 2H,0+ (IV) 
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as Ko», it follows that: 
Ko = CuCo,. C3 = KiKa (V) 


where Cy, Cs, Co, Co, 4 are the equilibrium concentra- 
tions of H,O+, Ses, Seo, and See, 4, respectively. 

On substituting data obtained by study of buffer 
systems at 25°C and an ionic strength of 1.00, 
principally NaClO,, in the equation: 


2/CU — n) — Cy) 


Cu(Cn + Cy) 
Cu 


— . — Ky (VI) 
Cl — n) — Cu 


= K, + 
the constants given in Table IV for 25°C and up = 
1.009 were obtained. When these constants are, in 
turn, substituted in the equation: 


Cr + Ca(Cn + Ky -_ 2Ko) 
+CyICl — n)(4Ko — K;)| 
—2K,/C(i — n)? = 0 (VID 


values of Cy are obtained which may be compared 
with experimental values. At n < 0.5, agreement 
between experimental and calculated values of 
—log Cy was found to be excellent. 

Since at higher values of n the agreement became 
progressively poorer, it was suggested that further 
polymerization by steps such as: 


Seo 4 + HO = Seo3 + H,0* (VIII) 
2See 3 — Sess (IX) 
on Seo; + Seo = Se35 (X) 


becomes increasingly important at higher values of 
n. Similar equilibria are proposed by Pedersen (2), 
Graner and Sillén (3), and Ahrland (4) in explaining 
the acidity of Cu(NQOs)o, Bi(ClO4)s; and UOs(ClO,4)> 
systems, respectively. 

It is the purpose of the paper which follows to 
present experimental data obtained under other ex- 
perimental conditions, to discuss the effect of ionic 
strength and of temperature on the equilibria, and 
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to develop the thermodynamic constants for the 
system, 


Experimental Method 


Details of the experimental method, purification 
of reagents, and methods of calculation have been 
described previously (1). The data which follow are 
comparable in every respect with those presented 
for 25°C and uw = 1.00p. 


EXPERIMENTAL DATA 


The experimental data obtained are summarized 
in Tables I through III. Values of —log Cy as a 
function of n for scandium buffers at C = 1.00 x 
10°-M, w = 1.009, and t = 10.0 and 40°C are pre- 
sented in Table I. Table I] summarizes similar data 
for buffers with C = 1.25 XK 10-*M, while Table III 
includes all data obtained at ¢ = 25°C and yu & 1.005. 
The effect of temperature is also illustrated by Fig. 1 
which is based on data from Table I. The effect of 
ionic strength is illustrated in Fig. 2, taken from 
data in Table III. 

The method employed to evaluate equilibrium 
constants for the several sets of experimental condi- 
tions studied was essentially that described in the 
earlier publication. However, it was nece..iry to 
modify the method slightly because of the consider- 
ably smaller number of buffers studied under condi- 
tions other than ¢ = 25°C and w = 1.00p. 

In calculating constants from the data on the 
effect of ionic strength, two equations of the form of 
equation (VI) were evaluated at each ionic strength, 
employing experimental data for buffers at C = 
1.259 X 10°% and n = —0.013 and +0.187. The 
resulting pairs of equations when solved simulta- 
neously led to the sets of constants presented in 
Table IV. 

Since considerably more data are available at « = 
1.00) and ¢ = 10°C or 40°C, five equations were em- 
ployed for the evaluation of each set of constants. 
The resulting equilibrium constants are also given 
in Table IV. 

[It was pointed out previously that values of the 
constants depended markedly on the n values chosen 
as a source of data in setting up equation (VI). In 
addition, there is a much less marked dependence 
on C. Therefore, if values of the constants for differ- 
ent experimental conditions are to be compared, 
they must be derived from data obtained at com- 
parable values of n and C. 

In order that this comparison have the greatest 
possible validity, we have therefore recalculated the 
constants for t = 25°C and uw = 1.00, from two addi- 
tional groups of data. In one case, the data group 
was chosen to be comparable with data employed in 
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‘alculating constants at varying ionic strength; jy 7 
the other case, to be parallel with constants at vary.” 
ing temperatures. These constants are also giver jy! 
Table IV, : 


When the several sets of constants are employe; 
to calculate values of —log Cy for the buffer system, 
examined, the values given in the “calculated” eo 
umns of Tables I to III are obtained. The differenen 7 


TABLE I. —log Cu for Se Buffers at C = 1.00 K 10+ 
uw = 1.000 


log Cy at ¢ = 10°C log Cy att = 40°C 


diff. exp. calc, diff 

2.672 -0 .050 
3.322 0.087 
3.867 —~0.002 
151 0.003 


2.622 | —0.03) & 
2.996 | —0.010 9 
3.329 +0.00: 
3.585 +0.006 
3.762  —0.02 
3.842 | —0.085 

.194 | —0.169 

.733 —(). 550 
5.064 —() SS} 

397 = =——0.924 


11600 =—0.051 
771) = =——0.193 
5.412 —0.693 
689 —0.869 
978 —0.019 


ee ee 
£ A =m 69 © & 


—log Cu for Se buffers at C 
wh = 1.000 


log ¢ Hoati 10°C log ¢ Hati-= 


diff . calc 

+0.138 3.505 3.476 

+0.083 3.5386 3.527 

+0.070 3.58: 3.580 
+0 .057 

3.811 

+0.067 3.3 3.876 
+0 .033 

054 

000 167 184 

250 


595 


5.151 
5.273 
5.167 6.183 O16 a 5.482 


5.244 5.470 266 63) 777 


between experimental and calculated values are oi | 
the same magnitude as was observed for the muc! 
larger number of buffers studied previously, and 
exactly the same trends in the differences are noted J 
at all temperatures and ionic strengths studied. 


Effect of Tonic Strength on the Equilibrium Constants 
While it would be most desirable to obtain thermo- 

dynamic values of the dissociation constants at in 

finite dilution from the values of the constants give! 
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TABLE IU. Effect of ionic strength on Cy in Se Buffers at 25°C 


Conc Sc 108 °C 


—0.0130 
5.016 exp 3.318 
calc 3.341 
diff. —().023 
2.508 exp. 3.526 
cale 3.530 
diff. —0.004 
1.254 exp. 3.740 
cale 3.717 
diff. +0) .023 
2. 5 exp. 3.470 
cale. 3.525 
diff. —0.055 
1.25 exp 3.673 
cale. 3.664 
diff. +(0.009 
1.25 exp. 3.594 
cale. 3.594 
diff. 0.000 
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iffect of temperature on the acidity of seandium 


solutions at C = 1.009 X 10°°M; uw = 1.000; and 


25°C, curve C—10°C. 


Table IV, the data available are not suitable for 


(his purpose. Even for a univalent ion, extrapola- 


us based en various modifications of the Debye- 





—log Cy at n = 









































+0.187 0.387 0.587 0.787 0.987 
3.728 3.990 4.214 4.424 4.613 
3.724 3.998 4.265 4.622 5.890 
+0 .004 —() .008 —0.051 —(0.198 —1.277 
3.864 4.097 4.350 4.556 4.736 
3.860 4.128 4.395 4.752 6.021 
+0 .004 +0.031 —0.045 —(0).196 —1.268 
4.003 4 237 4.452 4.674 1.837 
3.996 4.253 4.519 4.876 6.147 
+0 .007 +0.016 —0.067 —(), 202 —1.310 
3.776 4.047 219 4.497 4.693 
3.7742 4.028 4.291 4.646 5.914 
+0 .004 +(0).019 —().012 —(0).149 —1.22)] 
3.909 4.139 4.384 4.620 4.806 
3.918 4.159 4.418 4.772 6.042 
—0.009 —0.020 —0.034 —0.152 —1.236 
3.799 4.014 4.216 4.441 + .627 
3.799 4.009 4.247 4.590 5.320 
0.000 +0 .005 —(0).031 —{().149 —0.693 
0 
“ . ai 
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Fic. 2. Effect of ionic strength on the acidity of scandium 
1.25) X 10-°°M; p = 
0.500, and 


perchlorate solutions at ¢ = 25°C, C = 
0.01009, curve B—0.1005, 
1.000. 


curve A curve C 


curve D 


Hiickel equation are not valid at ionic strengths 
above 0.1 unless specific salt effects can be evaluated. 
For a trivalent ion, such as that involved in this 
study, it is highly questionable whether an extra- 
polation from » > 10~* is valid. Consequently, only 
the empirical relationships between yu and the con- 
stants, which can be inferred from the tabulated 
data, can be presented. 


Effect of Temperature on the Equilibrium Constants 


Of the ‘“‘many empirical equations which have 
been employed for representing the ionization con- 
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stants of weak electrolytes as a function of 7, and 
for computing the thermochemical functions. . . .” 
(5) the authors have chosen to employ the relation- 
ships due to Harned and Robinson (6). On substi- 
tuting data from Table IV into their equation: 


~ 


—log K = A/T+B+CT (XI) 


the following relationships are obtained for up = 1.005 
mostly in NaClQO,: 


—log Ky 

= —4408.37-' + 41.1638 — 0.07247 
—log Ky 

= +4937.37T-' — 15.593 + 0.01707. 


(XIT) 


(XTIT) 


The related equations below, given by Bates and 
Pinching (7), were then employed in calculating 
values of the thermochemical properties of the sys- 
tem. 


AF = 2.3026R(A + BT + CT*) (XIV) 
AH = 2.3026R(A — CT") (XV) 
AS = 2.3026R(—B — 2CT) (XVI) 
AC, = 2.3026R(—2CT) (XVID) 


However, since the equilibrium constants derived 
here are not the thermodynamic values at uh = 0, 
the parameters A, B, and C of equations (XII) and 
(XIII) will not lead to true thermodynamic proper- 
ties of the system. Furthermore, since no valid 
method of evaluating the activity coefficients of the 
species involved in the equilibrium constants is ap- 
parent, it is not possible to calculate the thermo- 
dynamic dissociation constants. 

Nevertheless, the standard state for the systems 
could be defined as the state in which the solutions 
are essentially one molar in NaClO,; the thermo- 
chemical properties calculated could then be con- 
sidered to be referred to a standard state. The calcu- 
lation is, therefore, based on this definition, instead 
of infinite dilution as the standard state. The super- 
script zero in equations (XIV) to (XVII) has been 
omitted in order to avoid confusion of the symbols 
with those defined in the more customary manner. 

Employing for R the Birge value of 1.9869 cal 
mole! deg, the values of the above properties have 
been calculated. They are presented in Table V, 
along with related properties for the dimerization 
reaction calculated as follows. Values of AF and AH 
were obtained by appropriate addition of equations 
and energy terms; AS for the dimerization was then 
calculated from AF and AH values by substitution in 
the fundamental equation: 


AF = AH — TAS (XVIII) 
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While the values are given to two significant fig. 
ures in Table V it must be emphasized that thes 
figures are somewhat questionable. When the er tire 
calculation is repeated, employing different but par. 
allel groups of data to calculate the constants, one 
obtains equilibrium constants and thermochemical 
properties which differ from those presented in the 
table. However, the signs, orders of magnitude, and 
trends exhibited in the recalculated values are similar 
in every respect to those presented in Table V. 


TABLE IV. Equilibrium constants for the acidic dissociation 
of the aquoscandium ion at various experimental conditions 


Equilibrium constants 


Temp, °C Ionic strength, u 

105 K, 10¢ Ko 10-* Ky 
25 1.009 1.172 1.01, 7.38 
10 1.00, 0.808 0.221, 3.39, 
25 1.005 1.62;* 0.927* 3.51,5* 
40 1.005 3.87; 3.20; 2.13, 
25 0.01005 2.45 4.47 7.43 
25 0.1005 1.81, 2.154 6.58 
25 0.500 1.25, 1.26; 7.99 
25 1.00, 1.18,t 0. 889+ 6.357 


* Employed only in determining effect of temperature o1 
the equilibria. 

t Employed only in determining effect of ionic strengt! 
on the equilibria. 


TA BLE V. The rmoche mical prope rlies of the aquoscandiun 
ion acid system in 1M NaClo, 


= ; , ASS Cal AC, Ca 
Reaction Ex) at kcal 4H kcal mole mok 
2 mole~! mole deg” ding 
First acid 10 +6.6 +6.4 —0.7 +19 
Dissociation 25 6.5 9.3 +9, 200 
Ky 10 6.3 12. 19. 210 
Over-all 10 8.6 16 27. — 44 
Ko 25 8.2 15 25 if) 
10) 7.9 15. 22. $4) 
Dimerization 10 —4.6 3.6 28. 
Ky 25 }. -2.9 6 
40) —4.8 —9.7 —15. 


For example, on carrying out three independent 
calculations, leading to three independent sets oi 
thermochemical properties, the signs of AS exhibit 
the same reversal of sign for the first acid dissociation 
and dimerization steps as indicated above, although 
the magnitudes of AS may vary considerably. 

In the previous paper (1) it was pointed out that 
dependence of the constants on n and C undoubtedly 
reflected contributions from higher dissociation and 
polymerization steps. These contributions are, in 
turn, probably responsible for the variations in equl- 


librium constants discussed above. However, if one 
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er loys parallel data at the several temperatures in 
e, \uating the constants, one may assume as a first 
ap roximation that the contributions of higher steps 
ar essentially equal and, therefore, are cancelled out 
on evaluation of the temperature coefficients. 

o the extent that these assumptions are correct, 
and since no comparable data have yet been pre- 
sented for an aquometal ion, the authors feel that 
these data may be of considerable interest to workers 
in the field. 

Vote added in proof. The neglect of the equilibria 
for the higher polymers Se3.5; Se4,6; Ses,.7; Sce.s, etc., 
may well explain the. dependence of AH and AS on 
the C and n values used, and may also explain the 
trends in the thermodynamic quantities. Sillén, at 
the Symposium on Co-ordination Chemistry held in 
Copenhagen, August 9 to 13, 1953, presented a 
method for calculating the equilibrium constants 
involved in polynuclear complexes, and preliminary 
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calculations for scandium, on the assumption of re- 
peated reaction, show reasonable agreement with 
the experimental data. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1954 issue of the 
JOURNAL. 
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Equivalent-Circuit Model of the Transference Cell: 
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ABSTRACT 


An equivalent-cireuit model characterized by remarkable pictorial simplicity is pro 
posed for a cell with reversible electrodes in contact with a solution of a suitable binary 
electrolyte, nonuniform in concentration. The capacitance part of the circuit is re 
lated to the free energy change of the dilution process, while the resistance parts are 
related to the cation and anion transports. On the basis of the model, correct equations 
are derived for (a) the conductance of the solution, (b) the diffusion of the electrolyte 

Nernst equation), and (¢) the concentration cell with transference. In addition, equa- 
tions, which have not been subjected to experimental test, are derived for (d) capaci- 
tance of the condenser, (e) current as a function of applied potential difference, and (/ 
concentration difference as a function of applied potential difference. Mixtures of elec 
trolytes are considered briefly. On the basis of the model, a method is proposed for the 
determination of thermodynamic properties of electrolytes by transference cell meas- 
urements which does not involve a measurement of the transference number. The range 
of applicability of the model to various aspects of electrochemistry is discussed, and 
the concept of diffusion potential is critically re-examined 


INTRODUCTION 


Klectrode and ion-transport processes are both 


The same arrangement results when convection | 


eliminated from the electrogravitational 


described by Murphy (1) by operating with hor 


process 


essential 


It is sometimes possible to study one of these proc- 
esses with negligible interference from the other. 
For example, in electrical conductance and moving- 
boundary experiments, the ion-transport processes 
of interest are isolated from electrode phenomena by 
appropri 
in electromotive force measurements, carried out 
for the purpose of deriving thermodynamic prop- 
erties, careful experimental design can sometimes 


reduce 


negligible 


interpret 


elements of 


ite experimental 


1on-transport 


ition 


significance. 


of data is facilitated when the re- 


every electrochemical cell. 


electrode and lon-transport 


of electrochemistry. 


technique. Conversely, 


transport processes, 


processes to a position ot 


Generally speaking, the 


zontal electrodes. It is discussed by 
Batzer (2) as an example of a type H (for hor 
zontal) cell. Many other examples of cells in whict 
processes 


treated together can be found throughout the fie 


We propose herein an equivalent-circuit model oi 
a cell which involves integrated electrode and ior 
including the specific types 
mentioned above. This motel emphasizes the im 
portance of time-independent or steady states | 


cells where current is flowing and concentratio 


versible and irreversible processes are not inter- 
mingled. 
The great bulk of electrolytic processes occur, 
however, with just such intermingling. A simple 
classical illustration of this is the concentration cell 
with transference, where the diffusion of ions is 


unavoidably present during emf measurements. 
Also in this category is the inverse of the concentra- 
tion cell with transference, i.e., a concentration 
gradient is generated by electrode and ion transport 


processes upon application of an external voltage. 
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12 to 16, 1953. This research was completed at Argonne 
National Laboratory during a leave of absence from the 
Univ. of Wisconsin under the Participating Institutions 
Program. Based on portion of ANL Report 5104, Jan. 1958. 

? Present address: New York State College for Teachers, 
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gradients are present. From the model, long-estab 
lished equations for conductance, for the diffusio 
of ions, and for the concentration cell with trans 
ference are derived, as well as some others whic! 
have not been subjected to experimental test. I! 
thus serves as a quantitative basis of reference for 
a number of experimental facts, and it is so simpli 


that it possesses considerable pedagogical appea 


The model is heuristic in nature, suggesting, fo 
example, a new approach to the determination 0! 


the thermodynamic properties of electrolytes. 


The term “transference cell” refers to a system 
with two identical reversible electrodes in contac’ 
with an electrolytic solution, one or more ions 0! 


which participate in the electrode reaction. By 
“reversible” it is meant that the clearly specifiab| 
reaction at one electrode occurs in exactly the re 
verse manner at the other, and that there is 1 


activation or resistance overpotential at the ee 
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3 

é 

% ;. The applied or measured potential is always 
Fi . than that required for decomposition of the 
? J.con, Le, concentration gradients, but no 


ha ves in composition are established in the cell 


™&.. result of passage of current. The familiar ‘“‘con- 
entration cell with transference” is a special case 
api the transference cell when there is a concentration 
Sy adient, but no external current. 

(hroughout the article, the silver-silver chloride 
Wiectrode, chloride ion system is adopted for illus- 
Se ation. Complete dissociation of the electrolyte, 
v. KCI, is assumed. Three aspects of this cell are 
In section (a) the system is in 
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hown Ih lig. a 
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00 Borizontal bounding lines represent silver-silver chloride 
tal Sage ectrodes; cross-hatching, insulating spacer; density of 
sion | ots, concentration of electrolyte. (a) Cell in equilibrium, 
ans neentration uniform; (b cell with external applied 


lage, representing ‘‘charging’’ of the cell; and (c) con- 


ration cell with transference, emf being measured with 
gh resistance voltmeter 


fo 
OP PP cuilibrium, with a uniform concentration and no 
a" Bee xiernal voltage. In section (b) an external voltage 
MK us been applied, but changes in concentration 
BS ave occurred near the electrodes only. This corre- 
ponds to a Hittorf transference experiment. Be- 
tel BPause of the density differences which arise, the 
Tau ‘athode is situated at the bottom to avoid convec- 
s 0 Mion currents. In section (c) the concentration dif- 
By erence between the top and bottom electrodes 
abi eais to an external emf; this is a concentration cell 
Ay vill transference. The external battery of (b) has 
5 ng 


Y replaced by a high-resistance voltmeter. In 
substantial current in the external circuit 
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passes, while in (c), for a measuring instrument of 
infinite sensitivity, there is no external current at 
all. 

It is evident that continued passage of current 
in (b), followed by removal of the external current 
source, leads to a concentration cell with trans- 
ference (c). It has been shown (3, 4) that the steady- 
state concentration distribution reached after pro- 
longed current passage is linear for the ideal case. 

EQUIVALENT CIRCUIT 

The application of equivalent-circuit models to 
electrochemical problems is not new. Electrical 
double-layer phenomena at mercury-solution inter- 
faces in particular have been interpreted by this 
means. Grahame (5, 6), in his capacitance studies, 
noted the presence at certain polarizing potentials 
of a very large capacity effect due to oxidation- 
reduction phenomena at the electrodes. He called 
this a “pseudocapacity” to distinguish it from true 
double-layer capacity. Breyer and Gutman (7) re- 
ferred to this as a “dynamic capacitance.” 

The condenser and other elements of our equiv- 
alent circuit are similar to those utilized by Grahame 
and by Breyer and Gutman in that they involve 
oxidation-reduction at the electrodes, but differ in 
that they also involve concentration gradients 
throughout the solution. Moreover, we have re- 
stricted ourselves to the simplest types of electrode 
processes and are primarily concerned with the 
time-independent or steady state achieved by steady 
application of a d-c voltage. These states would 
have no chance of attainment with the a-c methods 
employed by Grahame and other investigators, 
who were primarily interested in double-layer 
phenomena. The “steady states’ in a-c work are 
time averages over a number of cycles, but the 
variables are changing during periods of the order 
of one cycle. 

Equivalent-circuit models are also important in 
the interpretation of the dielectric properties of 
erystals. According to MacDonald’s motel (8), 
charge carriers within the crystal may be responsible 
for a large part of the capacitative reactance. 

The postulated equivalent circuit of the trans- 
ference cell is given by Fig. 2a and 2a’. The latter 
circuit diagram, which contains two condensers in 
one arm, illustrates the complete blocking action to 
the external circuit of charges passing through PR, 
which is analogous to the blocking action of positive 
ions by the electrodes in the transference cell. On 
the other hand, the mathematical treatment is 
simplified if a single condenser is retained in the left 
arm; the capacitance of the condenser in Fig. 2a is 
obtained by series addition of the capacitances of 


the two condensers in Fig. 2a’. 
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Qualitative considerations which lead to the model 


are as follows: 


Cell 
Current is carried by paral- 
lel movement of two charge 
carriers, M* and Cl 
with different 
ductances 1, and 1 


ions, 


ionic con- 


The electrodes are ‘‘perme- 
able’’ to Cl ions. (The elec- 
trode reaction consumes or 
liberates Cl~ ions.) 

The electrodes are blocking 
to M* ions. (The electrode 
reaction 
M* ions.) 


does not involve 


A concentration gradient 
generates an external volt 


age. 


A concentration gradient is 
self-equalizing by diffusion 
in the absence of an applied 
voltage. 


Equivalent Circuit 


There are two parallel arms 
in the circuit with different 
resistances Rk, and R 


R,/R- = 1_/1,. 


, where 


Negative charge passes di- 
from the 
source through R_. 


rectly external 


Charges passing through R, 
are blocked from the ex- 
ternal circuit by condensers 
(Fig. 2a’). 


A charged condenser leads to 
an external voltage. 


In the absence of an applied 
voltage, a charged condenser 
will automatically discharge 
through R, and R_. 


Further details of correspondence between the 


cell and circuit are restricted to the steady state: 


Cell 


The chemical potential of 
the electrolyte varies with 
position in the cell, but is 
invariant with 
time. Cl 
continuously 


respect to 
ions are flowing 
through the 
cell, while M* ions are sta 
tionary. 


A virtual transfer of dQ/F 
equivalents of M* (and 
MCl) from the 
anode, contacting solution 
of activity a,, to the cath- 


ode . 


hence of 


contacting solution of 
activity a., leads to an in- 
crease in free energy of the 
system of dG = 2(dQ/F)RT 
In (ag/a.) 

(G is the free energy of the 
constant.) 


Equivalent Circuit 


The electrical potential 
varies with position, but is 
with 


invariant respect to 


time. Negative charges are 


flowing continuously through 


R_, but no charge flows 
through F,. 
The reversible electrical 


work done in charging the 
condenser of Fig. 2a (or the 
2 condensers of Fig. 2a’) 
with dQ units of charge to 
the total potential difference 


E. = Eo, + Ex, is EQ. 


system and F is the faraday 


If the circuit is indeed electrically equivalent to 
the cell, it follows from elementary thermodynamic 


considerations that 


E. = 2(RT/F) |n (a,/a,). 


(I) 


It is to be noted that £, is the potential difference 
at the electrodes with steady-state current flowing 


in the external circuit; 


but during internal dis- 


charge of the cell (Fig. 2c) with no current flowing in 








the external circuit, the measured potential iff. 
ence will be less than £, . 

Referring to Fig. 2b, it is stressed that dQ ‘s 4 
charge passed through the left-hand side cof 4 
circuit only. Concurrently with this process, , 
additional charge dQ’ passes through the right -ha) 
side in a purely dissipative manner; therefore, ¢) 
feature of the circuit is consistent with the lack 
reversibility in the cell as a whole. The mo 
clearly specifies that all reversible phenomena of |} 
cell are to be associated with the condenser, and , 
irreversible phenomena with the resistances. 

Each of the three circuit elements of Fig. 2s 
nonlinear; that is, the currents through the resis 
ance are not proportional to the potential dro 
and the charge on the condenser is not proportio: 
to the voltage across its plates. For steady-sty 
operation and ideal behavior of the cell, suita! 
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Fig. 2. Equivalent circuit corresponding to cells of fy 
with « 
condensers; (b) charging with external source; and 
internal discharge (free diffusion). 


1. (a) Basie circuit; (a’) alternate basic circuit 


mathematical relations between emf, current, 4 
concentration are readily found. 

In Fig. 2b, the current corresponding to Fig. 
is analyzed. The flow of negative charge throug 
the right-hand side is electrically equivalent t 
positive charge flowing in the opposite directi 
The current in the external circuit is the sum 
these two. 

The current during internal discharge of the « 
is shown in Fig. 2c. The internal current is equ 
alent to free diffusion of the salt, with the flux 
positive ion equal to the flux of negative ion, 
required by the electroneutrality condition. ro 


Januar) 19; 


eeiae 4 keleain ac 


mae. 


the electrical circuit standpoint, this means that thf 


current through the left must be equal to thi 
through the right. Only an infinitesimal curre! 
flows through the external circuit to actuate 1 
potentiometer. The internal current is fictitious 
the sense that it cannot be measured as an elect! 
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eurrent, but it is by no means a new concept. As 
early as 1888 Nernst (8) postulated that the diffu- 
sion of the ions of an electrolyte constituted an 
internal electric current, and he was led thereby to 
the concept of “diffusion potential,’ which arises 
because of the different mobilities of ions. Although 
the diffusion potential has had many applications 
since Nernst’s time, it is an objectionable concept 
from the operational viewpoint, since it cannot be 
measured directly. We propose in this treatment to 
express the physical behavior of the system in 
terms of the external potential applied to, or gener- 
ated by, the cell. 

Discharge of the cell of Fig. 2c could also occur 
by short-circuiting the voltage measuring device. 
This can be referred to as “external discharge,” in 
contrast to the “internal discharge”’ of free diffusion, 
which occurs irreversibly whether an external cir- 


cuit is present or not. 
MATHEMATICAL TREATMENT 
The Cell Resistance 


In order to demonstrate electrical equivalence of 
cell and circuit in quantitative fashion, the further 
assumptions are made that activities may be re- 
placed by concentrations and that conductances are 
linear the 
sumptions, together with those made earlier, char- 


functions of concentration. These as- 
acterize what will be referred to as an ideal trans- 
ference cell. In this case the mathematical conditions 
for equivalence of cell and circuit are: 


BE. = (2RT/F) \|n C,/C. (11) 
R, = (l/AL) (1/C) dx (IIIa) 
R_ = (lU/AlL) | (1/C) de (L11b) 


-O0 


where a is the distance between the parallel elec- 
trodes of area A, C is the local concentration in 
equivalents per ec, and /, and /_ are the mobilities 
equivalent ionic conductances). In the case of the 
linear concentration distribution which is attained 


in the steady state, 
R, = ta/Al,(C. — 
R_ = {a/AL(C, — C,)} In (C,/C,) 


C.)} In (C./Ca) = (1Va) 
(IVb) 


When the ratio C,/( 


equations reduce to 


R, = a/Al,.C.;R 


a is close to unity, these 


= a/Al_C,. (Va, b) 


‘he true cell resistance, as seen by the external 
circuit, is evidently obtained by parallel combina- 
tion of these elements: 

Rou = R,R_/(Ry, + R_) 


= {a/AA(C, — Ca)} In (C./Ca) (V1) 
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where A = l, + L_ is the equivalent conductance of 
the salt. In the limit as C, > C,, 


Ren = a/AAC,, (VII) 


which is just the cell resistance that would be 
measured with a uniform electrolyte by an a-c 
method. On the other hand, examination of Fig. 2 
shows that the apparent resistance in the steady 
state is 


Ri. = a/ALC,. (VIII) 


since no net current flows through the left-hand side. 


Self-Discharge of the Cell—Verification of Nernst’s 
Diffusion Equation 


During the self-discharge of the cell (free dif- 
fusion, Fig. 2c), the internal current density, J int , 
produces a difference of potential AJj,.(R, + R_) 
across the series combination of resistances, which 
is equal in magnitude, but opposed in sign, to £, 
Combining this relation with equations (II) and 


(IV). 
Tint = (2RT F){(C', — Cal a} 


-{L4L/l,+L)} (IX) 


However, J int is also equal in magnitude, but opposed 
in sign, to the product FJ of the faraday constant 
and the diffusion flux /, for which Fick’s law of 
diffusion 


J = I1,./F = D(C, — C,)/a (X) 


is valid, where D is the diffusion coefficient. It follows 
from equations (IX) and (X) that 


D = (2RT/F)I,L/(L, + L) (XI) 
which is Nernst’s equation (8). Ample experimental 
verification for this equation has been provided in 
cases where ideal conditions are approached. 

The measured emf of the self-discharging cell is 
that of 
ference. In terms of the potential drops across the 


and BE, , 


just FE, , a concentration cell with trans- 


resistors, Kk 


whence 
(XII) 


This is a verification of another long-established 
equation. Equations (VII), (XI), and (XII) are a 
concise summary of the known properties of the 
cell. The the 
model has, been 


ideal transference accuracy of 


equivalent circuit therefore, 
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established by the derivation of these equations on In transporting y equivalents, Fy coulombs ay § 
the basis of it.” passed through the left-hand side of the cir yi J 
Thus, the work done in charging the condense. , jy § 
the region where equation (XVI) is valid, is ro. 
On charging the condenser, the potential dif- portional to the square of the charge transferre:|, , 
ference across its plates increases, corresponding to characteristic of a normal condenser. The capacitance § 
an increasing concentration gradient in the trans- of the condenser is evidently noF°/16RT. Unlike « J 
ference cell. By equation (11), the minimum work normal condenser, the capacitance is directly propor. 9 
done in transferring the infinitesimal quantity of tional to the number of moles of electrolyte, by 


Capacitance of the Condenser 


electrolyte dy = dQ/F is independent of the electrode separation or area. 
The capacitance for a typical case is enormous by § 
FE. dy = 2RT \|n es dy. (XII1) any ordinary standard. Suppose, for example, tha § 
Ca no = 10° equivalent, a quantity which would |y 
The energy dissipated in the right-hand resistor contained in a decinormal solution filling a 1 em 
is not included in this calculation; furthermore, the cell. At room temperature, the capacitance is 


transfer may be imagined to occur infinitesimally 10’ x (9.65)? & 10° 


16 K S316 & 298.1 


slowly, so that there is no energy dissipation in the 21.2 farad 
left-hand resistor. Under these conditions, the Sve $ 
system is always in a steady state, with a linear pes eaceeds oy many rae oor the capacttane | 
concentration gradient. The concentration at the of any radio condenser of comparable size. 

mid-point between the electrodes remains constant, Current as a Function of Applied Voltage 
and the electrolyte transfer takes place across this Since all of the components in the equivalent 
dividing line. circuit model are nonlinear, the cell as a whole wi 
‘The concentration at any point and the number not be expected to follow Ohm’s law. For anv point 
of moles transferred are connected by the relation within the cell, equation (II) becomes , 


(XIV) dE dx = (2RT/F) d\n C/da (XVII 
in the steady state. Since J] = (_CAdE/dr [compar 
where V is the volume of the cell and no the number equation (VIII)}, it follows that 
of moles of electrolyte. Since ( cannot be less than I = (2RT/F)t_AdC /dx (XVIII 
zero at the anode, y is limited to values between 
zero and no/4 for the linear concentration distribu- While dC /dz is constant throughout the cell, dE d 
Pak is obviously not so, being greater at the points o! 
Equation (XIII) may be integrated after substi- lower concentration. The £ of this equation is th 
tuting (XIV): total potential difference measured by Ag-Ag( 
electrodes, but, as indicated previously, it is als 
work = 2RT | In a the potential difference across the condenser plate: 
™ ' under steady-state operation. 
Upon integrating equation (XVIII), and noting 
that when « = a 2, C = C,,, the original uniforn 
by concentration of electrolyte, there results — th 
i+ =a equation 


(No + ty) In ( 


ty ’ IF ee y * 7 
+ (no — 4y) In (1 - v) OF RT a mt a> Niet (XIX 
Ilo = 

When nm > 4y, corresponding to a low emf, this Substituting (X\ II) into (X\ IIT), integrating over 

equation reduces to’ x, and solving for /, one obtains 
SRT y 1C.-t_ ART ; i fa 
work = BRT y (XVI) = tanh EF/4R7 (XX 

No aF 

‘The derivation of equation (VII) started with the as The £ in this equation is the total applied potential 
sumption that the ionie conductances are independent of By expanding the hyperbolic tangent and retaining 
one another; since this assumption leads to the correet only the first term, we obtain an equation valid fo 


result for the concentration dependence of cell resistance small applied p tentials: 


lequation (VIL)|, the law of independent ionic migrations 

is verified | : I = Cu t_AE/a (XXI 
‘ The first two terms in the series expansion of log (1 + 

ty/no) and log (1 4y/no) are retained Ohm’s law is, therefore, satisfied under this e 
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; however, the conductance measured under 
state operation is ¢_ times the value measured 
uniform concentration conditions. 

\\ en EF/4RT becomes very large, the hyperbolic 
it approaches unity, equation (XX) becomes 


I = 4C., t_ART/aF, (XXIT) 


id the current density is independent of applied 
rte tial.” 

Equation (XX) has also been obtained in a 
athematical analysis by Piguet, Kuhn, and Kuhn 
()). The assumptions inherent in their derivation 
ad. however, to an incorrect result for the emf of 
concentration cell with transference. 


Concentration as a Function of Applied Voltage 


The concentration difference between the elec- 
odes may be expressed in terms of the current 
nsity by application of equation (XIX): 


[Fa 


C.-C, = — (XXIII 
2 ART ; 
ibstituting (XX) into (X XI), we have 
C. —- C, = 2C., tanh al (XXIV) 
tT 


Piguet, 
fubn, and Kuhn (10). According to equation 


XIV), 


his equation has also been obtained by 


the ratio -“ ~ is dependent only on 
or 

e applied potential for the system under study, 
ut independent of transference number and 
mductance. The elimination of terms characteristic 
the 


tential relation is relevant to our discussion below. 


irreversible processes from concentration- 


For small values of £, equation (XXIV) becomes 
C, —C. iF cdenae 
. = — (XXV) 

Ca 2R1 
or practical purposes this is equivalent to equation 
IV). equation (XXIV) 


ads to the result 


For large values of EF, 


2C or (XXVI) 
nce the total number of moles is conserved, this 
juation shows that the limiting condition at high 
pplied potential is reached when the concentration 


b 2 


0 has doubled, while that at x = a has 


illen to zero. 


Extension of Theory to Mixtures 


While the foregoing mathematical treatment has 
cn applied to only the simplest case, a 1-1 elee- 


\ potential difference between the electrodes of 0.6 
corresponding to a tanh (EF/4RT7) of 0.9999, is re 

ied as large. Above this voltage, decomposition of the 
ion with eathodie evolution of hydrogen may occur. 
tion (XIX) is no longer valid at such voltage. 
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trolyte in an ideal transference cell, a single elec- 
trolyte of any other valence type could be handled 
easily. The treatment of mixtures is more complex, 
requiring the introduction of additional elements 
into the electrical circuit model, and additional 
parameters in the equations. The detailed treatment 
will be deferred to a later paper, but it is worth- 
while here to outline the procedure for a relatively 
the 
chloride ion, electrolyte a mixture of two chlorides, 
e.g., NaCl and KCI. The equivalent circuit of this 


simple case: electrodes again reversible to 
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circuit elements for two single electrolytes to obtain equiv 


illustrating parallel additivity of 


alent circuit for mixture. 


cell is obtained by parallel combination of circuits for 
each salt, as if the other were absent (Fig. 3). 

It is assumed in this treatment, as before, that 
the system is thermodynamically ideal, and that 
Kohlrausch’s law of independent ionic mobilities is 
obeyed. Since these conditions will not be met in a 
practical case, the equations based on this model 
are intended merely as illustrative of the approach. 

Application of a polarization potential will 
produce, in the steady state, a solution with a 
concentration ratio C,C, which is the same for each 
constituent. When this potential is released, the 
emf of the resulting concentration cell with trans- 
ference is given by 


E, = ((t)i + (4,2). , (XXVIT) 
(ts = (C,)i(l,)s (Cy )aAy -t- (C, )oAo] 
(tao = (Cy)o(ly)o/[(Cy)i Ar + (Cy )oAe] 
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In general, when an indefinite number of cations are 
present in the system with the common chloride 
ion: 


E, = E. >. (t,), 


(t.); = (Cyl) / D(C) Ai 


(XXVIID) 


concentration of the 7 th cation species 
mobility of the 7 th cation species 
equivalent conductance of the chloride salt 
of the 7 th cation species. 


It is evident that the nonsteady states prevailing 
in the gereral classical problem of junction po- 
tentials will involve much greater mathematical 
complexity. Nevertheless, the pictorial simplicity of 
the equivalent circuit model should be of assistance 
in setting up equations for a particular junction 
potential problem. Diffusion problems in multi- 
electrolyte systems are also accessible to the model. 


DISCUSSION 
What is Diffusion Potential?" 


The equivalent circuit model of Fig. 2 contains 
three elements, each characterized by its own 
potential difference when the solute is diffusing 
freely from an initial steady-state concentration 
distribution; moreover, each is directly measurable 
in principle by appropriate experimental technique, 
if electrodes reversible to the desired ion can be 
found. Thus, the potential across R_ is obtained 
directly from the circuit of Fig. 2. If the electrolyte 
were HCl, the potential across R, would be directly 
measurable through reversible hydrogen electrodes 
(Fig. 4). None of these potentials is equivalent to 
Nernst’s diffusion potential, which is postulated to 
arise in a solution because of different rates of 
migration of ions across a concentration gradient. 
This potential difference is not directly measurable 
in principle, but must be calculated on the basis of 
assumptions in the Nernst theory from measure- 
ments on the emf of the cell as a whole. For non- 
ideal solutions, these assumptions are inexact; 
furthermore, cell emf’s in the case of mixtures are 
strongly dependent on the structure of the junction, 
and it must be emphasized that all such measure- 
ments involve the use of electrodes with charac- 
teristic properties on which the magnitude of the 
measurement depends. Diffusion potential, however, 
is postulated to be a property only of a solution 
containing a diffusing electrolyte. 

This problem, and the equivalent one of single ion 
activities, has been dealt with at length by Guggen- 

*The terms “junction potential’ and “diffusion po- 
tential’ are used interchangeably 
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heim (11), who sums up the situation as fc \loy 
“The electric potential difference betwee: ty 
points in different media can never be measure: |, ay 
has not yet been defined in terms of physig 
realities; it is therefore a conception which has , 
physical significance.” 

Taylor (12) arrives at a similar conclusiy 
pointing out that single ion activities or free encrgis 
and the potential at a liquid junction, are jy 
thermodynamically defined, but are “purely math 
matical devices, which may indeed be employe 
safely with considerable freedom.” 

MacInnes and Longsworth (13) discuss seven 
types of liquid junctions, and, in agreement wit 
Guggenheim and Taylor, take the position that o 
the observed cell emf has real thermodynan 
significance. Nevertheless, these writers follow tly 
general practice of ascribing a definite numerical 
value to the junction potential in the simpler call 
where the assumptions involved in their math# 
matical treatment are reasonably secure. 

The concept of diffusion potential in simpi# 


| 
“4 
HCI ’ 
(c,) ‘ 
HCl (c ‘| 
l+ 


Fig. 4. Transference cell with electrodes reversib\ 
cation and its equivalent circuit. 





























systems, when properly interpreted, does lead | 
correct results. On the other hand, the extensiw 
body of literature which has accumulated aroun] 
this interpretation suggests that it is not whol| 
satisfactory, even as a mathematical device. Classic 
electrochemical problems now interpreted in term) 
of diffusion potential seem to call for a new approat) 
which involves only operational concepts. T! 
equivalent circuit model of this paper might ser 
as a starting point. It will have to be shown, 
course, that the model can be extended to non-idei 
systems; this point is considered in the next secti 


Non-ideal Systems 


The successful results obtained in the case of t! 
ideal transference cell are a strong temptation | 
take the general premises of the model as valid [7 
non-ideal systems as well. Equation (IT) would "9 
replaced in this case by 

E. = te \x)o 


(XXIX§ 
F (dy )a i 


where a, is the mean activity of the electrolyt 


The conductance would no longer be proportions 
to concentration, but this is unimportant to ow 












c lows 
Hi ty 
C l, ang 
| VSitq 


I as }j 


| ISlo} 
hergies 


Tre ny » 


mathy 
iplove 


seven 


it witif 


at or 
vnam 
OW thy 


meric 


r Case 
matly 


sim| 








O1, No. 1 


j\. vssion; in the steady state, the applied potential 
Hifi rence is the same as E, , the significant quantity 
rom the thermodynamic standpoint, irrespective of 
he dependence of conductance on concentration. 
‘early, we have a new means for determining 
petivities of electrolytes. The technique of MacInnes 
nnd coworkers (14) for determining activity coef- 
‘cients through transference cell measurements 
sake use of equation (XII), but this requires, in 
»ddition, a different kind of experiment to determine 
he transference number. The method suggested 


rs 


ere seems to offer a real advantage in economy of 
>xperimental effort. However, it has to be admitted 
hat at the present time the validity of our model 
annot be guaranteed by theoretical arguments for 
he non-ideal case, and no data by which a decisive 










bxperimental test can be made appear to have 
een recorded in the literature. 

In designing a critical experiment, it would be 
insafe to take the potential applied to the working 
electrodes as a measure of the cell emf. Any ir- 
eversible electrode effects due to slow kinetics of 


he electrode reaction, or resistance of the silver 
-hloride film, would yield a value too high, if these 
actors are not negligible. Such effects are repre- 















‘ ntable as an unknown series resistance added to 
Mahe circuit of Fig. 2a, The difficulty could be 
ircumvented by the use of probe electrodes at 
sible ppropriate points in the cell, which would carry 
bnly the infinitesimal current required for po- 
‘ntiometric measurements. 
lead A different cell design from that illustrated in 
—_ ‘ig. | would be necessary. Figure 5a shows a 
yes uitable basic design, which differs from the previous 
- ne in having perforated or mesh electrodes close 
lassie ogether and surrounded by electrolyte solution. 
_— lectrolyte is then free to pass through the electrode 
em vstem. In the steady state, the concentration 
. radient is between the electrodes, while above and 
o melow the electrodes are solutions of uniform 
w oncentration, into which the probe electrodes may 
” % be inserted. The positioning of the latter is not 
omen ritical. Both the working and the probe electrodes 
re silver-silver chloride. The former are visualized 
i s being large with a copious supply of silver chloride 
oe ; i the cathode. The probe electrodes can be very 
= mall. 
alid fer ats oe ; = 
wuld Che equivalent circuit of this cell is shown in Fig. 
7), and is to be compared with that of Fig. 2a’, 
Sp ich has dual condensers. The heavy lines represent 
XXI\ GBhe working cireuit, and the light lines within the 
otted areas, A and B, the additional circuit elements 
trolyt juired for correspondence with the solution above 
tions ud below the working electrodes, in which the 
to CURR obe electrodes are situated. 
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This equivalent circuit is evidently more complex 
than that of Fig. 2a’, but the steady-state behavior 
is the same. If it is assumed that the measuring 
instrument requires only a vanishing current, in the 
steady state the two circuits A and B contribute 
nothing to the measured voltage. Irreversible over- 
voltage effects are representable as unknown 
resistance R,, R:, R;, and R,. In the measuring 
circuit, the voltage drops across R; and R, will be 
small, but in the working circuit the voltage drops 
across R, and R, could be large. 

The optical methods of analysis now extensively 
employed in electrophoresis, diffusion, and ultra- 
centrifuge investigations would be suitable for 
concentration determinations in such an experiment, 
or the solutions could be drained from their compart- 
ments and subjected to chemical anaysis. It is well 
to bear in mind that attainment of the steady state 
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Fic. 5. Basie cell design (a) and equivalent circuit (b) 
for the determination of thermodynamic properties of the 
electrolyte MCI. 


from a uniform solution would be a matter of hours 
or days; this time could be shortened by commencing 
the experiment with all conditions approaching those 
of the steady state as closely as possible. 

It may be argued that the introduction of another 
irreversible process—steady current flow—on top of 
diffusion would introduce more uncertainty into the 
interpretation of emf measurements than is en- 
countered where diffusion alone is present (concen- 
tration cell with transference). The equivalent circuit 
model suggests, however, that when two concurrent 
irreversible processes are properly — balanced 
(coupled), interpretation of the reversible part of 
the system is facilitated. This point is to be con- 
sidered further in a later paper, where the trans- 
ference cell is treated by the methods of thermo- 
dynamics of the steady state. 

Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1954 issue of the 


JOURNAL. 
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